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Symposium on Physical Adsorption of Gases by Solids 


FOREWORD 


The papers that follow were presented at a symposium on ‘Problems Relating to the 
Physical Adsorption of Gases by Solids’, held at the Royal Military College, Kingston, 
Ontario, September 10 and 11, 1954, under the auspices of the Physical Chemistry Subject 
Division of the Chemical Institute of Canada. A few of the papers presented are not being 
published here, owing either to prior commitments or to the authors’ choice. The conveners 
of the symposium were of the opinion that it would be useful at this time to bring together 
various points of view on experimental methods and theoretical interpretations currently 
being applied to the study of physical adsorption of gases by solids. To this end they arranged 
a program of contributions concerned with the state of physically adsorbed films, the structure 
and energetics of solid surfaces, and theoretical aspects of adsorption phenomena. No record 
of discussion was kept as the attendant editing would have significantly delayed publication 
of these proceedings. 

On behalf of the conveners of the symposium I should like to acknowledge the generous 
co-operation of the National Research Council, of the authorities of the Royal Military College, 
and of the Editor of the Canadian Journal of Chemistry. 

R. McIntos#, 
CHEMISTRY DEPARTMENT, 
UNIVERSITY OF TORONTO, 


SOME PROBLEMS IN SURFACE CHEMISTRY 


An Invited Address by PRoFEsSOR SiR Eric RIDEAL, F.R.S. 


In 1917, Langmuir advanced the view that in heterogeneous catalytic 
reactions, chemisorbed reactants were involved. Work since that time has 
fully substantiated that view and at the present time enquiry is centering 
around the problem of distinguishing between two possible modes of reaction 
for the catalytic formation of a product by the interaction of two reactants, 
A and B, at the surface of a catalyst. These may be depicted as 


A B A B 
| . - € or | . = 
M M M M 
where — denotes a chemisorbed species and --- a molecule in the gas 


phase or in the van der Waals field. 
During the last quarter of a century we have been interested in the process 
of chemisorption and have attempted to examine it by a variety of methods. 
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Three of these have been successful in throwing a great deal of light on the 
process. These are very briefly (a) the use of a single wire on which the accom- 
modation coefficient of a rare gas in the absence and presence of a chemisorbed 
layer is measured; a field explored in great detail by Dr. J. K. Roberts, (b) the 
contact potential method in which two crossed wires are employed, one as an 
electron emittor and the other as an acceptor, the acceptor being coated at 
will by a chemisorbed layer; a method taken up by Dr. R. C. L. Bosworth 
and more recently (c) Mr. M. McD. Baker has had some success in utilising 
the photoelectric threshold and its change on the adsorption of gases to 
investigate chemisorption. I might deal briefly with the main features of the 
results of these investigations. 

In the first place, it was found that chemisorption took place readily on 
clean wires frequently with no detectable energies of activation and that many 
cases of apparently slow adsorption could be attributed either to a displace- 
ment of a previously adsorbed gas or to a slow diffusion into the interior. This 
does not preclude the fact that there are well established cases of activated 
adsorption e.g. hydrogen and oxygen on diamond, oxygen on silver and 
hydrogen on copper, but it does serve to emphasise the danger of attributing 
all slow processes to an activation energy for adsorption especially where clean 
metals are involved. It is only natural that activation energies are involved 
when adsorption on and reaction with oxides and the like are under considera- 
tion. 

The second important point which emerged was that the molar heat of ad- 
sorption was not constant but varied as a function of the surface coverage from 
6 = 0 to 6 = 1. These molar heats of adsorption can be determined directly, 
calorimetrically, even on a wire or preferably on a metallic mirror following 
Beeck’s method, or calculated from the adsorption isotherms taken over a 
suitable temperature range. The form of the AH, @ curve was of some interest 
in that AH was found to be neither independent of nor a linear function of @ 
as might be at first sight anticipated but consisted in those cases which were 
carefully examined of three distinct portions, a high AH for a small region of 
6 = 0 to ca. 6 = 0.1, a linear portion AH gradually falling from @ = 0.1 to 
ca. @ = 0.6, and a more rapid fall after this point sinking to quite low values as 
@ approaches unity. It is evident that this fact can be interpreted by two 
entirely different concepts, firstly that the adsorbing surface is heterogeneous 
in character or that there exist both repulsive fields between the ad-atoms or 
ad-radicals and that the bonding energy falls with increasing surface coverage. 

The first view, viz. the assumption of heterogeneity of the surface, gained a 
good deal of support in the United States; we, however, were inclined to the 
alternative view, namely, that the phenomenon of chemisorption of gases at 
metallic surfaces bore a closer similarity to those phenomena dealing with the 
modification of the thermionic and photoelectric properties of metallic surfaces 
in the presence of adsorbed monolayers. It was also easy to show that if the 
ad-atoms or ad-radicals did indeed resemble dipoles and as a result repulsive 
fields existed between them, then the general form of the AH, 6 curve for a 
dissociating gas such as hydrogen could be accounted for; if, in addition to this 
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hypothesis, the ad-atoms or ad-radicals could undergo surface diffusion and 
thus space themselves uniformly over the surface at a speed at least commen- 
surate with the rate at which the experiment of gas admission was being 
conducted. Dr. Roberts’ work is widely known on both sides of the Atlantic 
and for that reason I have given only the briefest summary of the more impor- 
tant conclusions derived from his investigations. It is interesting to note that 
recently the accommodation coefficient method of attack has been queried as 
to its accuracy but I am glad to see that recent work of Dr. Tompkins at 
Imperial College has fully substantiated Roberts’ work. 

Dr. Bosworth’s work does not appear to be so well known so I am taking the 
liberty of giving this in slightly more detail. 

Langmuir and Kingdon studied the impact of caesium atoms onto a tungsten 
surface and noted that when the surface was relatively bare every caesium 
atom evaporated as an ion. The electron work function of tungsten, ¢, is 
4.53 volts whilst the ionisation potential of caesium, J, is 3.88 volts, thus the 
passage of the electron from the donor caesium atom to the acceptor tungsten 
is facilitated. When, however, the caesium layer begins to populate the surface 
more thickly, this layer continues to lower the work function of the surface 
until, when @ has sunk to 3.88 volts, any further incident caesium atom will 
evaporate as an atom and not as an ion. We might regard the surface phase as 
consisting of a mixture of ad-atoms and ad-ions, their proportion being given by 


ions _ fi ei woenr 
Naroms ff 


where f; and f2 are the statistical weights of the ion and atom respectively in 
their ground states; or, we may regard the surface as consisting entirely of 
ad-atoms, the polarisation or dipole moment of which varies for a bare surface 
from that equivalent to an adsorbed ion to much smaller values as the surface 
becomes more crowded, evaporation from the surface taking place in the two 
stable states viz. atom and ion in a ratio defined by the energetics of the 
system. Langmuir obtained the following values for the dipole moment of 
caesium on tungsten: 


6 u(Debyes) 
0.0 14.6 
0.5 6.1 


Bosworth investigated potassium on tungsten in a similar manner and 
obtained: 


6 u(Debyes) 
0.012 23 
0.025 21 
0.10 13 
0.50 6.0 
1.0 2.8 


We can note that the lattice constant of potassium is 5.25A and if we regard it 
as a sphere with unit positive charge placed on an ideal plane conductor, the 
external field produced by an ion and its mirror image would be equivalent to 
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that of a dipole of electric moment 

5.25 X 4.77 = 25 Debyes, 
a value very close to that obtained experimentally for extremely dilute films. 
Bosworth extended this investigation to oxygen on tungsten and computed 
the following tentative values: 


6 »(Debyes) 
0.05 3. 
0.10 3.0 
0.20 2:3 
0.40 1.0 
0.60 0.8 
0. 0. 


Here again we note that there is a fall in the apparent polarisation as the 
surface becomes more densely populated. It is interesting to compare the work 
functions of stable close packed monolayers of electronegative gases on tung- 
sten as determined by this method. ¢ for W = 4.56 volts at 300°A. Then at the 
same temperature we find ¢ for WO 6.34, WN 5.92, WH 5.82, WD 5.80. For 
a thick oxide film WO, ¢ = 6.24 volts. 

Bosworth also measured the rate of surface diffusion as a function of the 
surface concentration of potassium on tungsten. The energies of activation 
for the surface diffusion were found as expected to be relatively large 
for dilute films falling to smaller values for more concentrated films. I cite the 
following values: 


6 E (electron volts) 6 E (electron volts) 
0 0.72 0.1 0.59 
0.015 0.69 0.25 0.52 
0.025 0.67 0.5 0.35 
0.05 0.63 1.0 0.29 


From these data it is possible to calculate the spreading forces and these can 
be compared with say the spreading forces of formic acid adsorbed on mercury. 

















Potassium on tungsten Formic acid on mercury 

Ad-atoms Molecules 

per sq. cm. per sq. cm. 

(X10-*) F (dynes/cm.) (X10-"*) F (dynes/cm.) 
0.06 0.23 0. 14 
0.12 0.96 1.5 22 
0.24 3.5 3.0 38 
0.48 10 4.6 52 
0.60 14.3 
1.20 38 
1.50 60 
2.40 142 
3.0 187 
4.8 322 





The spreading forces for the strong dipolar system potassium on tungsten are 
far greater than those for formic acid on mercury. For very dilute monolayers 
where the distances are too great for appreciable dipolar interaction we note 
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that the spreading forces which are kinetic thermal in origin for the two 
systems are of the same order of magnitude. As the surface concentration rises 
the increased spreading forces for the potassium can be shown to be due to the 
electrostatic dipole repulsion but for concentrated films the values obtained 
fall below those calculated, another confirmation that the magnitude of the 
dipole is falling with concentration. 

It is difficult to attain such a high accuracy when wires or thin ribbons of 
metal are employed as can be attained with metallic mirrors. It also militates 
against the accuracy of the method when other extraneous metal has to be 
present or when local high temperatures as in thermionic emittors are em- 
ployed. For this reason Mr. M. McD. Baker has been engaged in exploring the 
possibilities of using photoelectric thresholds in conjunction with freshly 
formed metallic mirrors derived by vaporisation from suitable filaments. So far 
we have confined our attention to the 1800 line of mercury and have used a 
silica window to our vessel. We hope to extend the method further into the 
ultraviolet so that we can examine chemisorption on such metals as copper. 
Mr. Baker has examined the chemisorption of hydrogen and of carbon monoxide 
on a variety of metals. It is interesting to note that the Ag, @ curve pursues a 
curve similar to the AH, @ curve, namely on several metals there is an initial 
relatively large rise in A¢ indicating a large dipole, this is followed by a steady 
linear rise and then the curve bends over indicating that the magnitude of the 
dipole in the closely packed film is very small. 

Finally by means of the method of contact potentials it is possible to measure 
the latent heats of evaporation. The experimental evidence suggests that on 
tungsten oxygen evaporates as molecules formed by the combination of two 
chemisorbed atoms i.e. a bi-molecular surface action whilst nitrogen evaporates 
in a unimolecular manner i.e. either as Ne or WN. The values obtained for 
these two chemisorbed gases on tungsten were as follows: 











Nitrogen, Oxygen, 

AV (volts) E (kcal. /mole) E (kcal./mole) 
—0.10 _— 150 
—0.20 28 147 
—0.40 26 130 
—0.60 23 113 
—0.80 20 90 
—1.00 19 83 
—1.20 18 76 
-—1.70 _ 67 





It is from these experiments difficult to avoid the conclusions that monolayers 
chemisorbed on uniform metallic surfaces vary markedly in properties as their 
surface concentration is varied. Dilute monolayers are relatively firmly held 
and have large dipoles and large energies of activation for migration. As the 
packing density increases the polarisation of the dipoles decreases, the lateral 
mobility increases, the spreading force increasing and the energy of activation 
for migrations decreasing and, at the same time, the forces holding the ad-atom 
or ad-radical to the surface suffer a considerable diminution. 
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It is interesting to determine the energy changes associated with the ionisa- 
tion of sodium, i.e. the reaction 


Nat > Na + «, 


from Bosworth’s data. For gaseous sodium vapour E = 5.1 electron volts; in 
a closely packed monolayer on tungsten it is E = 1.7 electron volts, whilst in a 
very dilute monolayer it is E = —0.4 electron volts. 

It does not seem to be unreasonable to apply similar considerations to, say, 
hydrogen on nickel. We may regard a nickel surface when sparsely populated 
as capable of dissociating hydrogen. The resulting surface hydride is relatively 
polar and the reaction is strongly exothermic. The repulsive forces between the 
ad-atoms ensure an even distribution over the surface. For these, the rate of 
recombination and re-evaporation as molecules is extremely slow and the 
equilibrium pressure of hydrogen above a nickel surface for small values of 6 
is vanishingly small. As @ increases the interaction energy decreases and the 
reaction becomes increasingly less exothermic whilst the repulsive forces and 
the energy of activation for lateral migration become reduced, with the result 
that evaporation proceeds more readily and, as we have found with Trapnell, 
relatively large equilibrium pressures of hydrogen are necessary for 6 to attain 
unity. We might also assume that there may be substrates with which the 
interaction energy for hydrogen sinks to such low values that surface dissoci- 
ation ceases before 6 reaches unity resulting in a mixed atomic and molecular 
film. 

We have not succeeded in attempts to discover the mechanism of the surface 
migratory process. We could imagine it to take place by three different methods. 
If we regard each metallic atom as though it were a crater with the ad-atom in it 
then a migration might consist of a process of hopping from one crater to the 
next. Again there may be preferred directions, e.g. at an angle of 45° on the 
surface of a cubic crystal or a direction in which the lips of the crater are lower 
giving rise to directional migration. 

Finally, we may conceive the existence of migratory levels involving the 
supply of energy to raise the ad-atom into the migratory level and then the 
supply of a much smaller energy of activation in the travel over the migratory 
level. The energies for migration in the migratory levels being naturally smaller 
the greater distance the level is from the metal atom surface and the greater 
the original energy of activation necessary to raise the ad-atom to that level. 

This concept of chemisorption involves, as we have seen, electron transfer, 
either the ad-atom or ad-radical being the electron donor or acceptor, and I 
need only at this point draw your attention to the ever increasing amount of 
work now being devoted to the electronic structure of metals and to the pro- 
duction of p and m lattice defects to modify the electronic structure of 
catalysts. 

Finally, I would like to express my gratitude for the kindness which the 
National Research Council is always extending to me especially in so far that 
they have made my attendance at this meeting possible. I would also like to 
congratulate all those who have taken part in getting this meeting together. 
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The meetings of the Faraday Society, deservedly some of us think, hold a high 
reputation in the world of science. The reason for the success of those meetings 
can be summed up in two words—hard work. I think those of us present here 
who have attended meetings of that society would consider this meeting as 
good as the best. 








INVESTIGATION OF THE PHYSICALLY ADSORBED STATE 
BY MEANS OF DIELECTRIC MEASUREMENTS! 


By E. W. CHANNEN? AND R. McIntTosH? 


ABSTRACT 


Dielectric data obtained for a variety of adsorbates on porous silica gel and 
on nonporous rutile are summarized. Four methods of computing the polari- 
zabilities or dielectric constants of the adsorbed matter are outlined and applied 
using the primary experimental data of capacitance change and volume adsorbed. 
All four methods contain somewhat arbitrary assumptions and at best are semi- 
empirical. None predicts values of the electrical constants of the adsorbed species 
which appear reasonable in all cases. It is concluded that an interpretation of the 
phenomena revealed by the primary data is not possible until improved methods 
of computing the salasioability of adsorbed material are developed. 


INTRODUCTION 


Attempts to elucidate the state of physically adsorbed films of vapors on 
solids have been reported particularly by Higuti (7), Kurbatov (12), and by 
McIntosh and his associates (13, 14, 17, 18, 20). These investigators have dis- 
covered the very interesting fact that when the change of capacity of the 
test cell is plotted against the volume of gas adsorbed, a sudden change of the 
slope of this plot is observed at some particular quantity of adsorbed matter. 
Typical observations for a variety of adsorbates on a porous adsorbent, 
silica gel, and on nonporous rutile are given below. The interpretation of this 
kind of data and of the variation of the slopes of such plots with temperature is, 
however, a very difficult matter. 

In order to attempt an interpretation it appears necessary to evaluate the 
polarizability of the adsorbed species. The dielectric which is being examined 
is, of course, a heterogeneous one, and it is necessary to account correctly for 
such factors as the arrangement of the particles in the bed, the spaces between 
particles occupied by gaseous matter, and the contribution of the adsorbed 
matter. Up to the present the simpler situation of powdered solid and inter- 
vening space between particles has not been satisfactorily treated, although 
both Béttcher (1) and Kamiyoshi (9) have succeeded in developing formulae 
which yield reasonable values of the dielectric constant of the solid provided 
its dielectric constant is not above about 20. 

In the present paper the general nature of the experimental findings is 
reviewed and information from further studies recorded. A comparison is then 
made of the values of the polarizability of the adsorbed matter or of the 
apparent dipole moments of polar adsorbates deduced by a number of pro- 
cedures. It is thus shown that the values obtained are markedly dependent 
upon the method of computation. As each procedure involves an empirical 
step and usually also an arbitrary assumption in the method by which the 

1Manuscript received September 16, 1954. ; ’ 

Contribution from the Department of Chemistry, University of Toronto, Toronto, Ont. This 
pe was presented at the Symposium on Problems Relating to the Adsorption of Gases by Solids, 

at Kingston, Ontario, September 10-11, 1954. 


"Graduate Student. 
*Professor of Chemistry. 
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polarizability of the adsorbed matter is separated from that of the whole 
system, it has not been possible generally to assess the advantages of one 
method over the others. An obvious test is to rely upon the answer obtained 
for a nonpolar adsorbate, such as butane. In this case, however, owing pro- 
bably to the low dielectric constant of the adsorbate, discrimination among the 
methods is not readily achieved. The contribution of the paper, therefore, is to 
point out the nature of the problem and to emphasize that the methods out- 
lined are far from satisfactory. As these methods include that used by Kami- 
yoshi (10), it must be concluded that all values of the polarizability or of the 
permanent moment so far published are unlikely to be reasonable approxi- 
mations to the effective molecular constants of adsorbed molecules. 


SUMMARY OF EXPERIMENTAL OBSERVATIONS 


The experimental observations made in this laboratory are briefly summar- 
ized below. As Higuti (7) and Kurbatov (12) have also reported the type of 
result to be found using porous adsorbents, the validity of the findings appears 
established. 


I. Porous Silica Gel 


(a) All adsorbates studied reveal two well-defined linear sections of the plots 
of capacitance change versus volume of gas adsorbed. (6) These linear sections 
are separated by a short transition region, so that extrapolation of the two 
lines defines a critical value of the volume adsorbed at which a change of the 
apparent polarizability of the adsorbed phase occurs. (c) The second linear 
section always has a lower slope than the first. (¢) Depending upon the adsor- 
bate, the critical value of the volume adsorbed may or may not change with 
temperature over the range of temperature which has been studied. (e) The 
critical value of the volume adsorbed does not agree with the value of V,, 
computed by the B.E.T. method. (f) Addition of water to the gel before 
admission of the second adsorbate may influence both the values of the slopes 
and the critical quantity of adsorbate. (g) The variation of the slopes of the 
linear sections with temperature depends upon the particular adsorbate. 
Nonpolar butane shows a negligible temperature dependence of the slopes. 
Polar adsorbates, such asethy] chloride and water, show a negligible dependence 
on temperature of the slope of one section, while the slope of the other section 
may vary either as is normal for a polar substance or anomalously. 

Details may be found in earlier publications, but typical plots for several 
adsorbates are shown in Fig. 1 as illustrations of the usual findings. 


II.- Nonporous Rutile 


The measurements are more difficult to make using this adsorbent because 
of its low adsorptive capacity (specific surface to Nz 80 square meters) and 
the lower quantity which packs into the beds. The relative precision with which 
Capacities are measured and the essentially similar results obtained with a 
different assembly (19) indicate that the results reported here are valid. 
It should be emphasized that linear sections of the usual type of plot are 
excellent, and in our opinion, it is justifiable only to draw straight lines through 
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Fic. 1. Plots of capacitance change versus volume adsorbed for various adsorbates on silica. 


the experimental points of the several sections of the graphically represented 
data. 

The experimental observations may again be briefly summarized. (a) 
Nonpolar butane shows no discontinuity of the slope of the usual capacitance 
change versus volume adsorbed plot. (b) Three polar adsorbates, namely, 
ethyl chloride, sulphur dioxide, and ammonia, reveal two linear sections in the 
plots. (c) In these cases the second linear section possesses a higher slope than 
does the first, a fact which is in striking contrast with the behavior of polar 
adsorbates on porous silica. (d) The temperature coefficients of the slopes are 
negligible over the narrow temperature range of some thirty degrees which 
was feasible for the adsorbates other than dichlorofluoromethane. (e) The 
critical value of the quantity adsorbed at which the apparent polarization of 
the adsorbate changes is in good agreement with the value of V,, computed 
by use of the B.E.T. (4) or Hiittig equations (8). (f) Critical examination of 
these primary data shows that the sudden change cannot be accounted for 
by the gaseous matter between particles. (g) Dichlorofluoromethane‘ does not 


‘The data for dichlorofluoromethane were obtained by Mrs. E. Petrie in this laboratory. 
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exhibit the sudden change of apparent polarization at 20.2°C., but does so 
at —19.6°C., owing to a negligible temperature coefficient along the first 
section and a negative coefficient along the second. Representation of typical 


data is made in Fig. 2. 
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Fic. 2. Plots of capacitance change versus volume adsorbed for various adsorbates on-rutile. 


A comparison of these results with those obtained using silica suggests 
that porous structure has a bearing upon the results found. Moreover, the 
agreement between the values of V,, deduced from theories of adsorption and 
the critical values found from the electrical measurements using the nonporous 
adsorbent suggests that the change of apparent polarization occurs on the 
completion of the first molecular layer in the case of that adsorbent. It should 
be noted from the C values of the B.E.T. or Hiittig plots that the heat of 
adsorption in the first layer is quite large for these adsorbates. 


General Theoretical Considerations 
If the value of the directing field at the site of an adsorbed molecule were 


known, some theoretical knowledge is available to aid in the interpretation of 
the behavior of the adsorbed matter. McIntosh, Rideal, and Snelgrove (14) 
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showed that the orientational contribution to the total polarization of an 
adsorbed dipole constrained to rotate in the plane of the adsorbing surface is 
E,(u?/3kT), where E, is the directing field. Kurbatov (12) treated the case of a 
dipolar molecule which can undergo rotational oscillations in three dimensions, 
and also the case of a rotating molecule constrained to rotate within a given 
cone angle. For the first case he established the important result that although 
the orientation of the oscillator may make an important contribution to the 
measured polarization, the temperature coefficient of the orientational effect 
will be negligible if there is a reasonable restoring force to the equilibrium 
position of the oscillator with no field applied. In the second case the usual 
inverse temperature relation should be observed. Snelgrove and McIntosh 
(18) applied this type of treatment to molecules constrained to move in the 
plane of the adsorbing surface with similar results. Although we have now 
shown (5) that equation [e] of their paper should be modified to the form 


Ss wE, 
~ 3kT 


the important result is still valid, namely, that a higher polarizability than is 
to be expected for a nonpolar adsorbate and a negligible temperature variation 
of the orientational part of the polarization may be found. It is therefore 
not surprising that values of the polarizability of adsorbed molecules in excess 
of that predicted on the basis of refractive index data (or more properly, high 
frequency dielectric data) should be deduced from any method of computation 
which may be employed, even when the primary data appear independent 
of temperature. On the other hand, in our opinion, one should not expect to 
find an apparent permanent moment for an adsorbed nonpolar species. This 
statement is based upon the view that although a dipole may be induced in a 
nonpolar adsorbate by the field of the solid, the random orientation of the 
adsorbing surfaces should cause the net effect of these induced dipoles to be 
zero. Moreover, since the direction of the induced dipole depends upon the 
direction of the field from the surface, there is no tendency for the induced 
dipole to orientate with the applied field. When, therefore, a nonpolar adsor- 
bate is found to possess a polarizability markedly in excess of ao, the distortion 
polarizability, when the primary data have been treated by some procedure 
such as those to be discussed below, we believe that this result merely demon- 
strates the inadequacy of the treatment. A discussion of four procedures which 
we have employed with the type of data recorded above will now be given. 
These four procedures are (1) extension of Béttcher’s powder method, (2) 
Béttcher’s solution formulae applied to the adsorbate-adsorbent system, 
(3) a cluster model of the powder in conjunction with Béttcher’s several 
methods, (4) the procedure due to Kamiyoshi. 


(1—e*/*") 





[a] m 


METHODS OF OBTAINING DIELECTRIC QUANTITIES 
]. Extension of Béttcher’s Powder Method 


The extension of Béttcher’s powder method has been described earlier 
(14). It is useful, however, to review the assumptions which are made in it. 





‘3 peo é. 
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It is assumed (a) that the average field within the composite dielectric is given 
by the Clausius-Mosotti field 4(e+2)E, where ¢ is the average dielectric 
constant of the system and E is the applied field, (b) that the field in the 
interstices is given by the Onsager cavity field, namely, [3 «/(2«+e,,)] E, 
where ¢ is the dielectric constant of the composite dielectric and ¢, is the di- 
electric constant of the gas at the equilibrium pressure over the solid, 
(c) that the average field in the composite system is given by adding the 
average internal fields in each constituent on a volume fraction basis, (d) that 
the total polarization of the composite dielectric is given by adding the polari- 
zation of each constituent on a volume fraction basis. It should be noted that 
an assumption concerning the density of the adsorbate is required, and there 
is thus an adjustable parameter in the final equation 


e—€,— (e— Vay. (€g+2) 53 











e+2 € oa 
(0) 3 ~ Qe+e, (+2) 63 = 4nrC) + 4xrCe 
TABLE I 


DIELECTRIC CONSTANTS OR POLARIZATIONS PER CM.? FOR ADSORBATES ON SILICA BY THE 
EXTENSION OF BOTTCHER’S POWDER METHOD 








First linear Second linear _ Refractive Dielectric constant 
Temp., °C. section section index squared from 
Onsager equation 





Butane—dielectric constant 
0.1 1 


’ ; 1.61 1.81 _ 
15.0 1.78 1.58 1.79 
30.0 1.74 1.55 1.77 a= 
Ethyl chloride—dielectric constant 
0.1 8.66 4.36 1.90 10.9 
15.0 7.89 4.14 1.87 10.0 
30.0 7.50 3.99 1.84 9.4 
Methyl chloride—dielectric constant 
0.1 9.40 5.05 1.86 12.0 
Polarization from 
Water—polarization per cm. Onsager equation 
--15.0 1.069 0.947 0.915 
9.0 1.052 0.944 0.908 
44.0 1.052 0.937 0.896 





where 6; is the volume fraction occupied by gaseous matter, e; is the dielectric 
constant of the powder before addition of adsorbate, and C, and C, are 
respectively the volume average polarizabilities of the solid and of the adsor- 
bate. The correction terms for gaseous matter given here are of some signifi- 
cance in dealing with rutile systems. Mcintosh, Rideal, and Snelgrove (14) 
have pointed out how dielectric measurements might be employed to establish 
the value of the density of the adsorbed phase for nonpolar adsorbates, or 
for polar adsorbates at very high measuring frequencies. Without such know- 
ledge the arbitrary assumption that the adsorbate has the density of liquid 
at the particular temperature has been made. 
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TABLE II 


DIELECTRIC CONSTANTS* FOR ADSORBATES ON RUTILE BY THE EXTENSION OF BOTTCHER’S 
POWDER METHOD 











First linear Second linear Refractive Dielectric constant 
Temp., °C. section section index from 
squared Onsager equation 
Butane 
2.05 _ 1.80 — 
Ethyl chloride 
0.6 6.2 7.2 1.90 10. 
—10.1 6.1 7.8 1.92 11.7 
—19.2 6.2 9.2 1.94 12. 
Ammonia 
3. 16.1 49 1.79 14.0 
—22.9 15.6 69 1.84 16.7 
Sulphur dioxide 
3.8 7.8 10 2.03 11.6 
—20.6 8.2 16 2.09 13.4 





*The number of significant figures stated is to show any variation with temperature. Absolute 
values of the dielectric constant of the adsorbate are not known. 


In conjunction with equation [5] the relation 


[c] @—1 = in 
é2+2 3 
has been employed to give the dielectric constant of the adsorbate. The use 
of this formula follows from the definition of C, based upon assumption (d). 
The application of this method to systems consisting of porous silica and 
various adsorbates seems reasonable, in view of the fact that the result 
obtained for the dielectric constant of the silica from the measured e; is about 
6. On the other hand, as may be seen from Table I the value obtained for 
water is too high, and cannot reasonably be accounted for on the basis of 
experimental error. Application to systems of rutile and adsorbate is question- 
able, because the measured value of e; yields a wrong value for the dielectric 
constant of rutile (negative) while the known value is about 114 (11). It is 
not surprising, therefore, that the value of the dielectric constant of ammonia 
is found to be greater than that of bulk liquid. The use of the field in a spherical 
cavity is one source of error, since this approximation is poor when the dielec- 
tric constant of the powder particles is large (2). Values for several adsorbates 
are given in Table II. 


II. Solutson Method 
Béttcher (3) has also treated the case of solutions. The requisite equations 
are: 


Ca 


[d} a E = » 4 a:'NsEu+(1- > a E, 





e-1 be ) 
le) Ae E = > (veka + 3kT E,, ’ 
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nea fight), 


Here, ax, a;, and Ny are respectively the radius, the distortion polarizability, 
and the number of molecules per unit volume of the kth type of molecule. 
E;, and E,, are respectively the internal field and the directing field at the 
kth type molecule. If these equations for solution systems are combined with 
the equations of the Béttcher powder method, it follows that a constant 
C: for the adsorbed matter is now defined by the relation 





2 
[g] (2 a:'CiN) E,, = aNeE,, ter NE,,. 


It can then be shown that 


=e. e039 a = {( fs oo) 1 \) 
Vl gece 8 Dep et gt NV I= pe, aT) 1 feos 


_ en l 4 ( _~ 4 PaaS 
aC t NTH fa, Det (ON TT fous BRT) * BRS a Cy 


where 6, designates the volume fraction of free space and the subscript 3 
designates the gaseous molecules. The symbols C,’ and C,’ refer to the solid 
and the adsorbed matter, respectively. 


























: 1 { 2e—2 
[2] Also f; = a. _—- , 


By this combination of equations the field within the solid is regarded as 
independent of the volume fraction of adsorbate and of gas, as in the extension 
of the powder method. Since the value of e changes only slightly with increasing 
quantity of adsorbate, this approximation is not very serious. 

Thus a plot of 


e+2 3 [14 wid ( fa as L_}y 
3 git | bet deastv, 1+ T= fast BkT) 1—fans 


” fs us") asi 
mete sla 3kT 


should yield a straight line of slope 1/4xC,’. The values of a were taken from 
refractive index data, while the values of a were assigned from the van der 
Waals’ constants of the adsorbate (6, 16). The value of Cj obtained from the 
data is independent of the value assigned the volume fraction of the solid, 
51, for changes of the order of 30%. Thus the apparent electrical character- 
istics of the adsorbate are not dependent upon whether or not a ‘‘free space’’ 
term should be included for the solid constituent. 

Finally, the relation between dipole moment of the adsorbate and C;,’ is 
given by 


2 3 
— = = a2) Anas? \/( _ e2) 
Ul raet (3-3 G3 —a 1-3 oF 1) ° 





versus 
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Some justification for using a solution model may be derived from the fact 
that the adsorbent has a large specific surface, so that its subdivision is great, 
and the system approximates to a mechanical mixture on the molecular scale. 
Further, the term (u,?/3kT)E,, is valid for a dipole constrained to rotate in 
the plane of the adsorbing surface (14), but would not be valid for a rotational 
oscillator. A likely source of failure is the spherical form of the model implicit 
in the equations, a criticism already mentioned in the preceding section. It 
should also be noted that the treatment implies a field within the solid inde- 
pendent of the numbers N; and N; of adsorbed and gaseous molecules. 

It can be seen frem equations [d], [e], and [f] that the selected values of a 
and a will influence the number obtained. In the case of a nonpolar adsorbate, 
the relation 


4n 


3 


should apply, and may be used to test the measure of agreement between 
experiment and theory when the value of a2 is taken from the van der Waals’ 
equation of state. For butane the value of a: from refractive index data is 
8.2 K 10-*4 cc. per molecule. The experimental values of C,’ for butane on 
silica and rutile gave values of 5.7 X 10-*4 and 7.1 X 10-*4 cc. per molecule, 
-respectively. It may be remarked that adjustment of the parameter a, may 
be made in a similar fashion to that mentioned in the preceding section. 
Examples of the numerical values of » for various adsorbates on silica and 
rutile are recorded in Table III. The value of ¢€ required in the calculations 
was taken about midway along the appropriate linear section of the plots. 


3 
a2 = a 


[k] C;’ 


TABLE III 


APPARENT DIPOLE MOMENTS FOR ADSORBATES ON SILICA AND RUTILE BY THE ‘“‘SOLUTION”’ 
METHOD OF COMPUTATION 








@ per 





molecule Apparent Gaseous 
Substance Temp. (°C.) Adsorbent Molar from dipole dipole 
volume refractive moment moment 
index data xX 1018 xX 1018 
x 10% 
NH; —22.9 TiO: 8.80 2.02 0.53 1.47 
NH; + 3.8 TiO; 8.80 2.02 0.5 1.47 
SO: + 3.8 TiO: 14.0 5.56 0.0 1.61 
C;H;Cl + 0.6 TiO; 22.0 6.47 0.57 2.02 
C;H,Cl 0.0 SiO: 22.0 6.47 0.52 2.02 
CuHie 0.1 SiO; 30.4 8.20 a: from C;’ = 5.7 X 10-* 
CyHio 5.3 TiO: 30.4 8.20 a2 from C,’ = 7.1 X 107% 





The most noteworthy feature of this method of computation is the terms 
arising from the presence of gaseous matter in the composite dielectric. This 
remark applies only to the rutile systems, where the relative quantities of 
adsorbate and gaseous material are such as to make the contribution from the 
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gas important. In the cases of ethyl chloride and sulphur dioxide the discon- 
tinuities evident in the slopes of the plots of the primary data disappear, 
or a lower polarizability is deduced for the second linear region. This suggests 
that an overcorrection is being made. As the correction terms are negligible 
for the first linear sections, the values of u for these sections are given in the 


table. 


III. The ‘‘Cluster’’ Method 


It was pointed out that the application of Béttcher’s formula to powdered 
rutile did not yield the correct value of the dielectric constant of crystalline 
rutile, namely, 114. As the specific surface of the sample is 80 square meters, 
the ultimate particles would be invisible and the particles seen are aggregates 
or clusters of these. Further, in packing the cell it was found that the volume 
fraction of solid always lay in the range 0.16-0.18. For powders of particle 
size of the order 0.005 cm. the volume fraction of solid is ordinarily in the range 
0.4 to 0.6. The existence of clusters could explain this difference in the volume 
fraction of solid in the beds of rutile. By assigning a value for the volume frac- 
tion of the ultimate particles within the clusters, the volume fraction of the 
clusters themselves, considered as a homogeneous phase, can be calculated. 
By an application of Béttcher’s powder method, the mean dielectric constant 
of the clusters can then be calculated. From this number, in conjunction with 
the previously assigned value of the volume fraction of sdlid within clusters, 
a second application of Béttcher’s procedure yields the dielectric constant 
of the ultimate particles of solid. 

This procedure was applied for two different values of the volume fraction 
within the clusters. The one corresponded with hexagonal close-packing of 
spheres, and gave a dielectric constant of 180 for the solid rutile. The other 
corresponded with cubical close-packing of spheres, and gave a dielectric 
constant of 50. If both the cluster model and Béttcher’s equation are correct, 
the arrangement within the clusters must be something between the hexagonal 
and cubical close-packing arrangements. The volume fraction within the clus- 
ters can then be empirically adjusted to yield the correct value of the dielectric 
constant of the rutile. : 

Having established the distribution of the powder alone in this way, the 
dielectric data for the adsorbed gases may be treated in either of two ways 
on making the further assumption that the adsorbed matter is contained 
within clusters. These are: (a) Calculate the mean dielectric constant of the 
clusters as a function of the volume of adsorbed gas and then, using those 
results, calculate the dielectric constant by the extension of the powder method 
described earlier. (6) Calculate the mean dielectric constant of the clusters 
as in (a) above and then apply the solution method to the clusters to obtain 
the property of the adsorbed phase. 

Method (a) yielded values of ¢2 approaching infinity. Method (0), led, in the 
case of butane, to a value of a, = 11.6 K 10-*‘cc. per molecule, compared 
with 8.2 < 10-*4 from refractive index measurements. This corresponds with 
a prediction of a permanent moment of 0.5 X 107-"* e.s.u. for a nonpolar 
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adsorbate. As already argued, such a prediction illustrates some inadequacy 
of the treatment. The apparent permanent moments of ethyl chloride and 
ammonia, as shown in Table IV, are in fair agreement with the known mo- 
ments. On the other hand, a virtually infinite moment was deduced for sulphur 
dioxide. Furthermore, although both procedures (a) and (b) gave excellent 
straight lines over the entire range of quantity adsorbed they obscured the 
discontinuity of the slope of the primary data. On these grounds the method 
must be considered invalid. 


Kamiyoshi's Method 


Kamiyoshi (9, 10) starting with Rayleigh’s formula for a cubical array of 
spheres (15) obtained expressions for the apparent dielectric constants of two 
types of region regarded as making up the composite dielectric. These regions 
were considered to consist of spheres of dielectric constant’ ¢€) in space and of 
spheres of dielectric constant 1 in a medium of dielectric constant ¢9. Then, on 
the assumption that the over-all dielectric constant may be obtained by com- 
bining these two types of region as a system of condensers in series and in 
parallel, a formula was deduced which would yield the value of the dielectric 
constant of the solid. Similar treatment would yield a value of the dielectric 
constant of solid plus adsorbed phase. If a porous adsorbent was employed an 
empirical correction factor had to be introduced to obtain the correct value 
of the dielectric constant of the solid, much as the packing factor was selected 
in the ‘‘cluster’’ treatment outlined earlier. Such an empirical factor had to be 
introduced in the case of rutile. 

When the dielectric constant of adsorbent plus adsorbate is deduced by 
this method, some further means of separating the contributions of the two 
constituents must be employed. Kamiyoshi (10) used a solution model and the 
Debye equations for dilute solutions. Theoretically, this general procedure is 
hardly preferable to any of those with which we have already dealt. However, 
as each is semiempirical, Kamiyoshi’s method was employed using ethyl 
chloride and butane on rutile. With ethyl chloride the value of ue was found 
to be 1.41 X 10-"* e.s.u. In the case of butane, however, a permanent moment 
of about 1.6 X 10~"* e.s.u. was deduced, and on the arguments put forward 
earlier this demonstrates the inapplicability of the method. This is not an 
isolated example, since Kamiyoshi himself has reported apparent permanent 
moments of 0.57 and 0.47 X 10-"8 e.s.u. for carbon tetrachloride and for 
benzene, respectively, adsorbed on silica gel (10). Owing to the tediousness 
of the computations by this method other data were not tested in view of these 
unsatisfactory results. An application of our modified solution treatment was 
not attempted because in this case the value of ¢ for the solid plus adsorbate 
varies appreciably over the range of quantity adsorbed. 


GENERAL CONCLUSIONS 


The interesting phenomena which may be observed on measuring capacity 
increments with increasing quantity of adsorbate on a solid have been shown 
to be of fairly general occurrence and to be specific to the adsorbent as well 
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the adsorbate. Up to the present however, no satisfactory way of obtaining 


the apparent electrical properties of adsorbed matter has been developed, and 














until this is achieved no great clarification of the observations appears likely. 
TABLE IV 
APPARENT DIPOLE MOMENTS FOR ADSORBATES ON RUTILE BY THE ‘‘CLUSTER’’ METHOD OF 
COMPUTATION 
Substance Temp., °C. Apparent dipole Gaseous dipole 
moment X 10!8 moment X 10'8 
NH; —22.9 1.67 1.47 
C:H;Cl + 0.6 1.65 2.02 
SO: —22.9 © 1.61 
CaHio + 5.3 a: from C,’ = 11.6 X 10-* 
apparent moment 0.5 X 10718 
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THE GROWTH OF CRYSTALLINE LAYERS ON 
FOREIGN SURFACES! 


By J. H. SINGLETON AND G. D. HALSEy, JR. 


ABSTRACT 


When the bulk phase of an adsorbent is solid, it has been shown that adsorption 
often proceeds only to a finite limit as the pressure reaches saturation. A theory 
is developed for this finite limit, in terms of the excess forces at the surface and 
the incompatibility of the crystal lattices of the adsorbent and adsorbate. It is 
applied to the stepwise adsorption of krypton on graphitized carbon black. An 
extrapolation formula applicable to smooth isotherms at high coverages is 
developed and shown to be analogous to the Harkins—Jura equation. It is applied 
to argon adsorbed on carbon black, on xenon preadsorbed on carbon black, on 
silver iodide, and on anatase. The energies obtained are compared with a theoret- 
ical estimate based on the Kirkwood-Miiller equation. A theory for calculating 
isotherms on preadsorbed layers is developed and compared with the data for ar- 
gon on xenon. 


In the temperature range of ordinary physical adsorption measurements, the 
adsorbate is usually a liquid in the bulk phase. It appears that, at least in the 
typical case, adsorption proceeds without limit as the pressure approaches 
saturation. At lower temperatures we have shown (8, 9) that there is a definite 
upper limit to the thickness of the adsorbed layer in a number of cases. The 
technique used involved following the change in the argon isotherm as the 
preadsorbed layer of the adsorbate was thickened. For the adsorption of xenon 
on anatase or silver iodide, only one or two atomic layers of the rare gas on the 
surface produced the saturation pressure of the bulk crystal. In the case of 
krypton on a graphitized carbon black, a definite upper limit was established 
between five and six layers. 

It is clear that for growth to continue, a supersaturated atmosphere of xenon 
would be required, and that the degree of supersaturation would be related to 
the ability of the foreign surface to act as a nucleating agent for, in this case, 
xenon. Difficulties inherent in working with supersaturated vapors make 
it desirable to develop a theoretical method of calculating the degree of super- 
saturation from equilibrium data below saturation. 


A Theory Predicting a Finite Adsorption Limit 

The adsorption of argon on graphitized carbon black has been interpreted 
as evidence of surface homogeneity, because of the quasi-stepwise character 
of the isotherm. Our measurements with krypton at 77°K. on the same adsor- 
bent show much more pronounced steps. Champion and Halsey (1) have 
modified the treatment of Hill (5) for adsorption on a uniform surface. His 
theory is essentially a generalization to m layers of the crude treatment of 
adsorption with lateral interaction given by Fowler and Guggenheim (2). 
He took into account the condensation energy of the adsorbate but neglected 

1Manuscripl received Sepiember 16, 1954. 

Contribution from the Department of Chemistry, University of Washington, Seattle, Wash., 


U.S.A. This paper was presented at the Symposium on Problems Relating to the Adsorption of 
Gases by Solids, held at Kingston, Ontario, September 10-11, 1954. 
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the van der Waals forces transmitted from the surface to each succeeding 
layer. When these forces are included the isotherm that results is composed 
of a series of steps. 

In an attempt to suppress these steps, and thus produce an ordinary smooth 
isotherm on a uniform surface, Champion and Halsey introduced the idea of 
an incompatibility between the crystal lattices of the adsorbent and the 
adsorbate. It was possible to make the steps disappear, but in order to have 
adsorption continue out to several layers it was necessary to increase the 
van der Waals forces and to change their decay law unreasonably. Thus, the 
theory developed was found not to apply to ordinary adsorption in the liquid 
range; however, it will now be applied to the problem of finite adsorption 
limits. 

Hill’s equations were modified to read 


[1] p/Po = [(@n—Ont1)/(On1—On)] XK exp{(—En/RT) + (w/RT)(—2gn4n—1)}. 


Here, p/po is the partial pressure in equilibrium with the adsorbed layers, 
6, the coverage in the mth layer, E, the excess energy of adsorption transmitted 
to the mth layer, and w the lateral interaction energy. The last two are taken 
positive in sign for attractive interaction, which is the opposite of the usual 
thermodynamic convention. The compatibility factor, g,, can vary from 
zero to unity. If it has the value zero, the lateral interactions are completely 
suppressed. If the factor is unity, it is implied that the lattices are completely 
compatible, and so the full energy of lateral interaction is operative. It will 
appear that the degree of incompatibility necessary to suppress growth beyond 
a few layers is not large. Since w is approximately equal to one half the energy 
of sublimation of the bulk crystal, and since g, will always be near unity, 
calculations using equation [1] will lead to a completely stepwise isotherm (1). 
In order to find the positions of the risers of the steps in terms of p/fo, the 
value one half is given to @,, unity to 6,1, and zero to 6,4:. This yields a simple 
expression for the pressure at the mth step: 


[2] In(p/Po)n - —E,/kT+(w/kT)(1—gn). 


This equation can be put into usable form by making two anauengtiane: 
first that the energy E, is given by the cube law (1, 6) 


[3] E, = E,/n', 
and second that g, has the constant value g in all layers. Thus 
_ In(p/po)n = —E,/n*kT+(w/kT)(1—g). 


We shall now use the positions of the steps for the second and third layers 
in the isotherm for krypton on graphitized carbon black to evaluate the 
parameters. The data so fitted are shown in Fig. 1. The values used to achieve 
this fit are E,/kRT = 7.9 and (w/kT)(1—g) = 0.09. The heat of sublimation 
of solid krypton is about 2.5 kcal. and T is 70°K. Thus g is 0.99 or almost 
unity. This value of g causes the isotherm to cross the axis p/po = 1 at be- 
tween four and five layers, whereas the actual crossing was one layer higher. 
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Fic. 1. Comparison of steps calculated from equation [4] with experimental isotherm 
points of krypton on graphitized carbon black at 77.1°K. 


It appears that a very slight disturbance of the structure of the bulk crystal, 
at least as is reflected in its energy, is enough to halt the growth of the adsorbed 
phase at a definite limit. Note that this disturbance is nowhere nearly equal 
to the heat of fusion (which is about 12% of the heat of sublimation) so that 
the surmise that the adsorbed phase is “‘liquid” is definitely wrong. 


An Extrapolation Formula 

If the coverage on the surface is many layers thick, the integral layer number 
n in equation [4] can be replaced by the continuous variable, 6, the total 
coverage. An isotherm equation results: 


[5] In(p/po) = —Ei/@kT —(w/kT)(1—g). 


With g = 1, this equation reduces to a special case of an equation successfully 
applied to adsorption from the liquid phase: 


(6) In(p/po) = —E,/kT@". 


As we observed above, for the liquid, compatibility does not seem to present 
a problem. The present equation is analogous to the equation used by Harkins 
and Jura (4) in connection with their relative method of evaluating surface 
area: 


(7) In(p/po) = A—B/v. 


Here A and B are constants and v is the volume adsorbed and is thus pro- 
portional to @. The change in power of @ from the Harkins value of two to 
three in equation [5] attaches a definite meaning to the constants. The analogue 
of A in equation [5] is a measure of incompatibility. The interpretation of FE; 
will be discussed in the next section. 
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Fic. 2. Extrapolation from data for argon adsorption on graphitized carbon black using 
equation [5] (0 and 6 layers of preadsorbed xenon: 77.1°K.). 


The data for the adsorption of argon on the graphitized carbon black, and 
for the adsorption of argon on six layers of xenon preadsorbed on the black 
are plotted according to equation 5 in Fig. 2. Note that the points for the six 
layers of xenon extrapolate to the origin, which shows that the solid argon is 
fully compatible with the preadsorbed xenon. It appears that the points for 
the bare carbon surface also extrapolate at least very near to the origin, 





inPyR, , = Y = =e 
-0.2/— — 
it _ 
-O.1 -— —— - 
wor 
ew 


0 }- -.s-- ------.-- --- —_ 
— ANATASE 4 0 leyers sence 
*¢@ o . 


2 
! 
| 





-O.3-— SILVER s0DIDE mW 
4 © leyers zenen Fl 











178 


Fic. 3. Extrapolation from data for argon adsorption on anatase and silver iodide, using 
equation [5] (0 and 8, 0 and 6 layers of preadsorbed xenon, respectively: 77.1°K.). 
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although, because of the bumpiness in the isotherm, the straight line plot is 
not perfect. 

In Fig. 3, some data that do not intercept the origin are presented. Argon 
is thus not compatible with either anatase or silver iodide. On both surfaces 
the intercept on the In(p/fo) axis is at about 0.09, which corresponds to a 
supersaturation ratio of 1.1. Note that when the surfaces are coated with as 
much xenon as they will support, the intercept is reduced, and the super- 


saturation ratio decreases to 1.05 for silver iodide and 1.08 on anatase. Thus > 


the xenon forms sort of a ‘‘graded seal’’. In harmony with the greater thick- 
ness of xenon layer on silver iodide, the decrease in the supersaturation ratio 
is greater. 
Comparison of E, with the Kirkwood-Miiller Formula 

When the extrapolation formula (5) is used to evaluate £, it is clear that 
the value found is unlikely to agree with E, values found experimentally 
using data over the first-layer range. Short-range forces, heterogeneity, 
crystal lattice periodicity, and incompatibility all operate to affect the real 
value of E;. The E; evaluated using data at high coverages represents only the 
long-range surface forces, with local disturbances more or less averaged out. 
It is thus more nearly the ideal quantity to compare with theoretical estimates 
of the London force than calorimetric data are. Steele and Halsey (10) have 
calculated the energy of interaction of a single rare gas atom at a distance D 
from the surface using the following expression, which is based on a treatment 
due to Kirkwood and Miiller (7): 


[8] e = (Nyc x/D*) {aa2/[(ar/ x1) + (a2/x2)]} 


Nz is the number of atoms per cm.? in the solid, mc? is the mass of the electron 
multiplied by the velocity of light squared, and @ and x are the atomic polar- 
izability and atomic susceptibility respectively. The subscript one refers to 
the adsorbed atom and two refers to the adsorbent atoms. 

Following Hill (6), we must now modify this expression so that it applies 
to an adsorbed atom surrounded by the other atoms of the adsorbed phase. 
E,, is defined as the excess energy available to the adsorbed atom in the mth 
layer because of the presence of the adsorbent m layers away. Because the 
absolute pressure, ~, is divided by the reference-state pressure po, the energy 
must be corrected by the extent to which the adsorbed layers deviate from the 
bulk structure. Part of this deviation has been taken care of by the g factor 
of equation [5]. However, in introducing a semi-infinite slab of adsorbent n 
layers away, a similar slab of adsorbate has been removed. Therefore one 
must subtract this energy of self interaction from equation [8] to obtain the 
expression for E,. 


[9] E, = € —(Nime'x/D*)(a1x1/2) 


N, is the number of atoms per cm.’ in the solid adsorbate. The distance D 
must now be evaluated in order to calculate E;. Since the E,; determined 
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using the extrapolation formula equation [5] refers to large distances from, the 
surface, the appropriate distance is that between adjacent parallel planes of 
atoms in the bulk adsorbate. For the close-packed rare gas crystals, this is 
equal to +/% times the lattice parameter. 


Comparison of the Calculated and Experimental Values of FE; 

The constants used to calculate E,/kT are presented in Table I. The tem- 
perature was 77°K. The density given was used to calculate the lattice para- 
meter. It will appear in the analysis of the argon isotherms on xenon which 
follows below, that the argon isotherm on six atomic layers of xenon is 
sufficiently close to the calculated isotherm for an infinitely thick layer of 
xenon to calculate £;/RkT on this basis. The calculated value is 2.55 compared 
to the measured value 1.20. For argon on the bare carbon surface the calcu- 
lated value is 13.8 compared to 11 measured. For the case of krypton on 
carbon, which was analyzed using the formula, equation [4], the calculated 
value is 15.3, compared to the measured value 7.9. 

The calculated value for argon on silver iodide is 9.7; the experimental 
value is 11. No estimate of the diamagnetic susceptibility of anatase could be 
found. Since the theory is admittedly quite crude, the agreement, although 
not perfect, is satisfactory. 














TABLE I 
Density Atomic Atomic 
(gm./ml.) susceptibility polarizability 
Xx 10°° XxX 10% 
Argon 1.65¢ 3.24° 1. 623¢ 
Krypton 2.9942 4.65° ' 2.46¢ 
Xenon 3.56° 7.04¢ 4.00° 
Silver iodide 5.67° 13.64 9. 28/ 
Carbon black 2.25° 3.794 1.02/ 





°Partington, J. R. An advanced er" in physical chemistry. Vol. III. Longmans, Green & 
Company, Inc., New York. 1952. p. 149. 

International Critical Tables. Vol. I. McGraw-Hill Book Company, Inc., New York. 1926. 

102-174. 

“oo K.E. Z. Physik, 98: 548. 1936. 

¢International Critical Tables. Vol. VI. McGraw-Hill Book Company, Inc., New York. 1928. 
pp. 354-364. 

*Margenau, H. J. Chem. Phys. 6: 896. 1988. 

‘Calculated from refractive indices in International Critical Tables. Vol. I. McGraw-Hill 
Book Company, Inc., New York. 1926. pp. 102-174. 


A Theory for Adsorption on Top of Preadsorbed Layers 

The two different preadsorbates that we have studied exhibited layer forma- 
tion in the case of xenon and solution in the case of krypton when argon was 
subsequently adsorbed. It was possible to develop a crude theory for solution 
in preadsorbed layers (9) by modification of the regular solution theory of 
Fowler and Guggenheim (3) to include the free energy of adsorption. The 
essential assumption added to those of the bulk solution theory was that the 
presence of component B did not affect the molar contribution of component 
A to the adsorption energy, and vice versa. This amounted to assuming that 
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the two species were the same size; an equivalent assumption will be required 
here for a given total coverage 04+ 63; the adsorption free energy was calculated 
from a weighted average of the energy for the pure components. It was 
then possible to calculate the mixed isotherms from the isotherms for the single 
components and the bulk solution data. 

We shall now develop an analogous theory for the case (that of argon on 
xenon) where the essentially non-volatile component B forms an insoluble 
and distinct layer under the volatile A. The problem is to calculate inter- 
mediate isotherms for A from the isotherm for the surface bare of B, and the 
isotherm for the surface covered with an infinite number of layers of B. We 
shall see that this latter isotherm can be calculated although it may not be 
possible to measure it directly. Suppose that there are N, molecules of A 
and Nz molecules of B adsorbed on the surface. (These numbers can be related 
to 6 by dividing by the number of molecules in a monolayer.) We shall denote 
the isotherm for A on b layers of B by (p/po)» and the isotherm for pure B 
on the otherwise bare surface by (p/po)s. The free energy of the adsorbent 
and its surface is a constant, F,. (Note that since the reference state is a solid 
there is essentially no volume change associated with the adsorption process 
and that therefore F, the Helmholtz free energy, equals G, the Gibbs free 
energy, and so no distinction need be made.) Then, the total free energy of the 
surface plus N, molecules of A and Ng molecules of B is 


Nes Na 
[10] F=FtkT {  in(p/podedN+eT [ in(p/po)viNv. 


Then the chemical potential of A 
[11] uy = 0G/ON, = 6F/ON, = kT In(p/Po)o, 


independent of F, and the isotherm for component B. 

We shall now divide the contributions to uf into two terms; one from the 
underlying solid and one from a slab 6 layers thick of component B. If we as- 
sume that these 5 layers are exactly equivalent to the same number of layers 

!of A in reducing the contribution of the surface forces, then the first term in 
ue is the chemical potential of argon on the bare surface uo evaluated at 
b+6, layers. To this term must be added the term for the slab of B of thick- 
ness 6 layers. This is equal to the contribution from a slab of infinite thickness 
u4(0,) minus the contribution from beyond b+6, layers, u4(@,+6): 


[12] ue = uo (6+64) +46 (04) —ua(b+64) 


This relationship can be put in terms of the isotherm data by using equation 
[11], but actually it is more convenient to carry out the calculations in terms 
of the y's. Note that for the relationship equation [12] to hold, the monolayer 
thickness of B must equal that of A, or else it will have a different effect in 
reducing the surface forces. This restriction corresponds to the restriction of 
regular solution theory that the molecules must be of the same size. 
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Calculation of the Limiting Isotherm (p/Po)x 

If the known isotherm for argon on six layers of xenon, and thus y@ is 
substituted into equation [12] a difference equation in the unknown 4 results. 
As a first approximation, the value of u¢ at 6+6,4 can be used in place of 
pe(6+0,) to calculate u4(0,). This better value can then be used in the equa- 
tion for a second approximation, etc. Throughout, the extrapolation formula 
equation [5] is used to obtain values beyond the experimental range. The 
result of this calculation is shown as an isotherm in Fig. 4. It is compared with 
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Fic. 4. Comparison of the limiting isotherm for argon on preadsorbed xenon, calculated 
according to equation [12], with experimental points taken at 77.1°K. (graphitized carbon 
black). 


experimental points taken in the presence of enough xenon to make 6, 9.7, 
and 19.4 atomic layers. One can calculate from the extrapolation formula 
that going from 6 to 10 layers should change the upper part of the isotherm 
noticeably, and that the isotherm for 20 layers should be indistinguishable 
from the limiting curve. It would appear, then, that growth does stop between 
6 and 10 layers. However, the continued change in the isotherm near a mono- 
layer of argon, upon going from 6 to 10 layers of xenon, suggests that the 
surface arrangement of the xenon is different in the last few layers. 


Calculation of the Intermediate Isotherms 


In Fig. 5 isotherms calculated from the limiting isotherms are presented. 
They are compared with some of the experimental data. Although agreement 
is not quantitative, the general features of the data are well reproduced. 
Note that the calculated pressures are above the observed values, in keeping 
with the fact that the atomic layers of xenon are presumably thicker than the 
argon layers. 

Previously (8), we had adjusted the monolayer volume of xenon by a 20% 
increase from the ‘‘point B” value, because when this volume was preadsorbed, 
a small “point B’’ appeared in the argon isotherm. No similar adjustment was 
made in the argon vm, and therefore the isctherms here are presented in terms 
of the estimated ‘“‘point B’’ volume. However, the calculated isotherm on 
one layer of xenon shows a ‘“‘point B’’ of 0.1 monolayer. This at least suggests 
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Fic. 5. Calculated isotherms for argon on preadsorbed xenon, using equation [12], compared 
with experimental points taken at 77.1°K. (graphitized carbon black). 


that the true argon v,, should be larger also. This is in keeping with other 
independent estimates we have made of the area of this carbon black, all of 
which are larger than the B. E. T. area. 
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USE OF INTERPOLATION THEORY IN THE ANALYSIS OF 
GAS ADSORPTION ISOTHERMS 
I. THEORY! 


By J. M. Honic anp P. C. ROSENBLOOM 


ABSTRACT 


The theory presented in this paper permits the determination of extremal 
bounds for a given adsorbate-adsorbent system within which the adsorption 
isotherms must fall if certain assumptions pertaining to the nature of the adsorp- 
tion process are applicable. The use of interpolation theory in estimating lower and 
upper bounds on physical quantities of interest in adsorption theory is also 
discussed. 


INTRODUCTION 


The object of this paper is to present a new mathematical approach to the 
problem of surface heterogeneity and its effect on the physical sorption of 
gases by solids. In previous work of this type (1-5, 9, 13-16, 18) it has been 
customary to interpret a given isotherm in terms of a particular distribution 
of adsorption energies among the surface sites of the adsorbent. Several 
difficulties associated with this correlation procedure have by now emerged 
(6, 10, 11): First of all, the isotherm equation is quite insensitive to the choice 
of distribution function which characterizes the energy heterogeneity. Secondly, 
it is necessary to introduce a large number of simplifying assumptions in order 
to make the correlations mathematically feasible. It is often difficult to 
ascertain to what extent the simplifications are really applicable, the more so 
because the adsorption theories in themselves furnish no pertinent criteria. In 
view of these difficulties it would be instructive to estimate the maximum 
variation in the adsorption isotherm as the energy distribution is allowed to 
vary over all conceivable mathematical functions consistent with the physical 
requirements. Further, it is desirable to have at hand some method of checking 
the validity of the restrictive assumptions. 

The present paper is devoted to a study of these subjects. It will be shown 
that by random selection of one or more points from a set of isotherm data one 
can construct lower and upper bounds which define the maximum possible 
variation in the isotherm data consistent with the simplifying restrictions. 
Failure of the remaining points to remain within these bounds is a clear 
indication that the restrictive postulates and the data are incompatible, at 
least over certain ranges of surface coverage. Lastly, the theory lends itself 
to a determination, without resorting to curve fitting procedures, of lower and 
upper bounds on quantities of interest in adsorption theory. 

The mathematical theory is based on a publication by Rosenbloom (12) to 
which the reader is referred for verification of the theorems cited in the next 

1 Manuscript received September 16, 1954. 

Contribution from the Department of Chemistry, Purdue University, Lafayette, Indiana, 
and the Department of Mathematics, University of Minnesota, Minneapolts 14, Minnesota. 


This paper was presented at the Sympostum on Problems Relating to the Adsorption of Gases by 
Solids, held at Kingston, Ontarto, September 10-11, 1954. 
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sections. The relevant parts of this theory are also summarized and made i 
plausible in an appendix. Examples illustrating the application of this theory to 
experimental data will be presented elsewhere. 


FUNDAMENTAL CONCEPTS 


A. The following assumptions are used as a basis for further discussions (see 
also (7)): (a) Adsorption occurs on a fixed number of surface sites; (6) adsorption 
is limited to a monolayer; (c) each site is associated with a fixed adsorption 
energy; (d) no lateral interactions occur between adsorbed molecules; (e) each 
adsorbed particle is held rigidly to its site of adsorption; (f) the distribution of 
adsorption energies remains unaltered in the adsorption process: Using these 
assumptions it can be shown (1, 2, 4, 5, 9, 13-16, 18) that the fraction of 
surface sites covered, @, is related to the gas pressure, p, and to the temperature 
T by the expression 

= dF(e) 
] en. * J. 1+(B(¢, T)/ple‘™™ ° 


Here « is the adsorption energy associated with a given site and dF(e) = f(e) de 
is the fraction of all sites associated with adsorption energies in the range e 
to e+de. The quantity 8(e, T) is related (5) to the ratio of internal partition 
functions of molecules in the gas phase and on the surface; m and m,, are the 
quantities of adsorbate present on the surface at equilibrium and when the 
surface is covered by a monolayer. 

It is shown (7) that by use of the substitutions 





n=e-e@ >0, 
ao = a(0, €, T), 

(2) a(n, €, T) = B(nt+eo, T)e*"*, 
y = ao/pt+l, 


X = (ao/a) e**7—1, 
the integral [1] can be converted into the simple form 


[3] Ly,7) = f° B&D, 


In equation [3], L(y, 7) = 6:(ae/(y—1), T) and 


[4] G(r) = fac, 7) = fea, 740 


J Coo/a) et" f(n-tes) dn 


J atndre. 


Note that the above substitutions were introduced in order to take into account ; 
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the possible dependence of 8 on e, and the possibility that the lowest adsorption 
energy on the surface may have the value e, > 0. 

B. According to theory (12), if Z is a function of the form [3] and if F(e) isa 
nonnegative, nondecreasing function such that G(0) = 0 then the function 
L must satisfy certain restrictive inequalities. Let us consider the class of all 
functions of the form [3] which are subject to k+1 restrictions 


[5] L(y, T) = Gi, pw O3.2...4 


where yo < yi: <... < yx and where the C; are given constants. Then there 
exist two uniquely determined functions L, and Ly in this class such that for 
any other functions in this class the following inequalities hold: 


Li(y, T) < L(y, T) < Lely, T) for ye < y, Ye-2 < Y < Vets Vr-4 < Y < Ve-ss 
[6] etc.; 
Lily, T) > L(y, T) > Lely, T) for ye < y < ye, Ye-3 < Y < Ve-2, ete. 


Thus, in alternate intervals between the selected reference values y; of equation 
[5], LZ. and L, represent extremal functions, each forming lower and upper 
bounds alternately in the consecutive intervals marked off by the y,;. L, and 
Ly thus represent an interlacing structure on an L vs. y diagram. 

Of the k+1 restrictions used in equation [5], k are obtained by arbitrary 
selection of k reference points 6(p;, 7) from the experimental isotherm data. 
An additional restriction arises from the normalization requirement 


[7] ‘'. fare = lim 0(p, 7) = 6(%, T) = L(, 7). 


C. Having examined the existence of extremal bounds, we now turn to a 
discussion of the conditions under which L(y, T) assumes the limiting form 
L, or Ly. It can be shown (see (12) and appendix) that the extremal functions 
L, and Ly are obtained from equation [3] if G(A, T) is chosen to be a step function 


























Fic. 1. The step function G. 
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with at most k+1 jumps at the points Ao, Au, .. . , Ax. (See Fig. 1). In the open 
intervals A; < A < Ais (¢ = 0,1,..., 2%), dG(A, T) = 0; hence in these regions 
the integral vanishes identically. At each of the points of discontinuity, A,, 
however, the function G increases by an amount AG, as shown in the figure, 
and the denominator in the integral [3] assumes the value A;+y. Thus, an 
increment AG;/(A;+¥) is associated with every stepwise increase in G; equa- 
tion [3] is accordingly reduced to a summation of the form 

AG, 


[8] LeosT) = Ge. 


It is evident from equation [8] that the use of Stieltjes integrals lends itself 
particularly well to the type of interpolation theory described here. For a 
rigorous discussion of the theory and properties of such integrals the reader is 
referred to standard texts (17). In this connection it might be noted that the 
distribution density function g(A, T) = dG(A, T)/dA, which corresponds to 
the step function G described above, is a linear combination of k+1 Dirac delta 
functions located at A = \,. 

D. To determine L, or Ly uniquely it is now necessary to fix (a) the number 
of terms in the summation [8], (b) the size of the jumps AG,, and (c) their 
location on the \ scale. (a) The theory of Reference 12 requires that we count 
each step in the function G that occurs in the open interval 0 < A < Ay with 
weight 2 and that we assign weight 1 to a jump by G at either end point 0 or ),., 
Let us define the order of a function of the form [8] as the total weight of all the 
steps. The theory of extremals (12) then demands that the order of L, or Ly 
be at most k+1. This requirement determines the number of properly weighted 
terms to be included in the summation. (b, c) The values of \; and of AG; may 
be determined from the conditions of constraint [5] imposed on the system. 
Detailed computational procedures for this step will be provided in the next 
two sections for the cases k = 1 (order two) and k = 2 (order three). The 
extension to larger & values is straightforward, but the mathematical complica- 
tions become excessive in the higher order calculations. 

It may be noted that Z, and L, are continuous functions of the variable y. 
Since these extremals are also affected by the choice of reference values ¥,, it 
is clear that any experimental errors in the reference points 0(p;, 7) will dis- 
place the calculated limiting curves from their correct positions. The magnitude 
of this effect can be computed by the standard calculational procedures. 

E. To sum up: It is possible to specify two limiting isotherms L, and Ly 
which delineate the greatest possible variations in @ as F(e) assumes all func- 
tional relationships which leave the integral [1] convergent. The specification 
of L, and Ly requires that G(A, T), related by equation [4] to the distribution 
F(e) of energies over the surface sites, be a step function. This choice converts 
the Stieltjes integral [3] into a summation. The number of terms in that sum, 
the size of the jumps inG, and their location in the \ spectrum are all determined 
by the imposition of conditions of constraint. The latter are obtained from the 
normalization condition for F(e) and by selection of a limited number of refer- 
ence points from the experimental data, through which the limiting isotherms 
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are required to pass. If the remaining experimental points fall outside the 
prescribed bounds, the observed isotherm data are not compatible with assump- 


tions (a)-(f). 


SECOND ORDER THEORY 


In the second order theory the two constraints on L are given by L(1, T) = 1 
and L(y, T) = C;. (See equations [7] and [5].) There are two extremal dis- 
tribution functions G which can be specified to be of order two. One of these, Ga, 
is constant everywhere except for a jump AG, at some point \, in the range 
0 <A < Am. The second distribution, G,, is likewise constant everywhere 
except for a jump AG» at \ = 0 and another jump AG, at A = Am. In these 
relations A» represents the maximum value of \ encountered for the adsorption 
system under study. 

Using the first of these distributions functions in equation [8] one obtains 


[9] La(y, T) = AGi/(y+) 
while use of the second distribution function in equation [8] yields 
[10] Lily, T) - AGo/y+AGm/(¥+Am)- 


The constants AGo, AG:, AGm, and \; can be determined by application of the 
two conditions of constraint which the extremal functions must satisfy. Thus 
from [9] one finds 

L,(1, T) 


1 = AG,/(1+), 
(11) 


Lily, T) 
Similarly, from equation [10] 
Li(1, T) = 1 = AGot+AGm/(1+Am), 


C, = AGi/(91+%:)- 


[12] 
Li(m, T) = Cr = AGo/1+AGm/(91+Am)- 


Solution of the two sets of simultaneous equations leads to 


Ma = (Gay —1)/(1-Q)), 


[13] 

AG, = (Cim —Ci)/(1— Gi), 
and 

AGo = [1+Am—Ci(yitAm)] ¥1/Am(91 — 1), 
(14) 


AGm = (Cidi— 1) (91 +Am) (1+ Am) /Am(91 — 1). 
Substitution of equations [13] into [9] results in the extremal isotherm 
[15] Lay, T) = (1+ (y-1I)1- Gi) /GA(n- DP. 
Similarly, use of equations [14] in [10] yields the second extremal isotherm 


Lily, T) = Am (91 — 1)" (91 /y) [1 — Cig +Am(1 — Ci)] 
[16] +[(x1+Am)/(¥+Am)] [Cig — 1+ Am( Cin: — 1))} 
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As a final step, it is only necessary to introduce the relations for y, L, and C; 
from equations [2], [3], and [5]. This gives us the explicit relations 





[17] 6. = pbi/[pi(1—6:) + pA], 
oa er/eal( ao/ttt ) oe , 
[18] &® = ~~ aie+t [(1+Am) (1 — 61) — 81 (a0/p1)] 
ao/Pitl+rAm 


ao/p+1+An ) (e+1)(0u(ao/er+1)—1}} 


In the above relations @; = 6(f1, 7) where 4, p: is the reference point, 
arbitrarily selected from the isotherm data, through which the limiting curves 
6, and 6, are required to pass; Am = [ao/a(nm, «&, T)] exp (€m—€0)/RT—1. 

The labor of evaluating 6, can be considerably reduced by selecting a refer- 
ence pressure p; such that ao/fit1<<Am. Then in the pressure range for 
which ao/p+1 << Am, equation [18] reduces to 


[19] 6(p, T) = [b—pit(a0t+h)61]/(aot+P). 


It is readily verified that the exact functions [17] and [18] interlace at the 
common points (0, 0), (@:, £1), and (1, ~), as required. Equation [19] fails to 
meet the first requirement, which merely means that this limiting function, 
together with [17] bounds a wider region than equations [17] and [18] and thus 
furnishes less precise information. 

It is instructive to determine which of the two limiting isotherms represents 
the lower and the upper bounds in the two regions p < pi, and p > p;. A mathe- 
matical analysis of this problem will be deferred to a later paper. One can, 
however, arrive at a decision by use of a qualitative argument. It is seen that 0, 
represents the Langmuir adsorption isotherm; this is consistent with the 
assumption that the associated function g(A, 7) vanishes everywhere except 
for a Dirac delta peak at \ = \;. The energy density distribution function 
f(e) has a corresponding peak at e = «. In most experimental work, however, 
one encounters a much wider distribution in ¢«. In particular, at very low 
pressures the sites associated with adsorption energies near ¢» will be filled 
much more extensively than those associated with energies «. < em. It is thus 
to be expected that at these low pressures the experimental isotherm will be 
greater than the calculated Langmuir isotherm associated with the energy a4. 
By selecting a p; from the higher pressure range and by noting the interlacing 
properties discussed earlier it follows that 


0.<8<% for 0O<p< hp, 
[20] 
6.>8>6 for p<p<o. 


THIRD ORDER THEORY 


In this section we deal briefly with the problem of finding upper and lower 
bounds on L(y, 7) when three conditions of constraint are placed on L(y, T). 
These are: L(1, 7) = 1, L(m, T) = Gi, and L(y, T) = Cy. There exist two 
extremal distribution functions G(A, 7) which can be specified to be of order 
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three. The first, Ga, is everywhere constant except for two jumps AG,, and 
AG, located at \ = Aw and at a point 0 < Ai < Am. The second, G,, is every- 
where constant except for two jumps AG, and AG; located respectively at 
\ = 0 and at a point 0 < dx < Am. Use of the two distribution functions in 
equation [8] yields 

[21] La 


[22] Ly 


AGi/(¥+A1) + AG m/(¥+Am), 
AGo/y+ AG2/(y +2). 


Application of the conditions of constraint to equation [21] results in the set of 
equations 


AG, = (yr+Ar) (v2 Ar) [Ci (yi + Am) — Co(yet Am) ]/(Am— 1) (92-91), 


- AG im = (Yi Am) (¥2-+ Am) [Co(y2 + Ar) — Cry Ar) ]/ (Am — Ar) (92 — 91), 
23 





y, = £2201 — 1) at Am) = Cig (¥2= 1) rt Am) + a= 91) (1 Am) 
, Ci(y2—1) (yi Am) — Co(yi— 1) (ya Am) + (91 — 2) (1 Am)” 


Similarly, the use of the conditions of constraint in [22] yields the unknowns: 
AGo = yiyelCi(yitAz) — Co(yo+As)]/A2(¥2—1), 
[24] © AG2 = (yitAs) (H2+A2) (Coe — Cis) /A2(¥2 — 1), 


— (yi— 1) (Coya"—1) — (2-1) (Cag —1) 
(y2—1)(Ciyi— 1) — (i — 1) (Caya—1) * 

The extremal isotherms @, and 6, can now be found by setting L = 0, C, = 4, 
C: = 62, y = ao/p+1 in equations [23] and [24] and substituting these quan- 
tities into [21] and [22]. It is evident that the limiting isotherms are very 
unwieldy. 

Fortunately one obtains a much simpler formulation whenever it is possible 
to select two reference pressures p, and ~; which satisfy the inequality 


[25] 1 << ao/pi << Am. 





If one now restricts the range of pressures to values a,/p K A» then 6, reduces 
to ; 


[26] p, — (02— 91) p+[6:p2(1 — 02) — 2p1(1—41)] 

P (62-61) p+[p2(1—62)—pi(1—61)] ° 
Likewise, using assumption [25], but imposing no restriction on p, it can be 
shown that @ reduces to 





— 6:02(p1— p2) 
> [(ao+P) /ccop] P12 (01—82) + (02h1—Ors) * 


At sufficiently low pressures this limiting expression reads 
m= 6:02(p1— ps) 
- %> = 5 ba(0i—62)/P-+ (Oxpi—Ois) 


It can be shown that the exact relations [21] and [22] interlace at (0, 0), 
(0:1, Pi), (O2, P2), (1, ©) as required. The approximate functions [26] and [27] or 


[27] 
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[28] do not meet at (0,0) or (1, ©) and thus bound a wider region on the 
6 vs. p diagram than the exact functions. In fact, it follows from [26] and [28] 
that 


lim @, = 0, 
29 p30 
a lim 6, = 61 p2(1 — 62) — 62 pi(1—41) 





p-0 p2(1—62) —pi(1—41) 
Equation [29] shows that lim @, may be either positive or negative depending 
p-0 


on the magnitudes of the terms involved in the fraction. One cannot decide 
as to which isotherm represents the upper and the lower bound in the various 
intervals until after numerical values have been substituted for the parameters. 

In comparing the results of the second and third order theories, it is seen 
that use of the equations [26] and [28] does not require specification of numerical 
values for ap Or Am. Moreover, equation [28} is independent of the choice of mm, 
as may be verified by substitution of @ = n/n, on both sides. For these reasons 
equations [26] and [28] are quite useful in the actual computation of limiting 
isotherms. On the other hand, these relations are only approximate and should 
be applied only to cases where it is known that the restrictive assumption [25] 
is applicable and where for all experimental pressures, p X ao. 


APPENDIX 


In this appendix we shall try to expound the relevant ideas of the article of 
reference 12, which is written primarily for mathematicians, in a less technical 
and more intuitive language. For this purpose let us consider an analogous 
problem with finite sums instead of integrals. Suppose we consider all sets of 
numbers g: . . . gn which satisfy the inequalities 


[30] g; > 0, i<¢gj<¢a, 


and the set of equations 


(31] D> aig; = Cy a ee 
j=l 


where the a,; and the C; are given constants. Here the sequence g,... gn 
corresponds to the nonnegative function g(A, 7) of equation [4], while the con- 
straints [31] correspond to the conditions L(y;, T) = C; of equation [5]. In 
fact, L(y;, T) of equation [3] is the result of a linear operation (integrating 
(yi +A) g(A, T)) applied to g; the form of a linear operation applied to a 
finite sequence g; is given by the left-hand side of [31]. The function G(A, T) 


corresponds to the sequence of the sums gi; gi+g2;...; git...+gn. Let us 
now interpret conditions [30] and [31] geometrically. 
If we think of (gi... gn) aS a point in n-dimensional space, then the linear 


equations [31] represent hyperplanes while the linear inequalities [30] represent 
half-spaces. Thus [30] and [31] together represent the intersection of a finite 
number of hyperplanes and half-spaces, i.e., a convex polyhedron. As an ex- 
ample, we may consider the three-dimensional space defined by three mutually 
perpendicular axes g:, ge, gs. The inequalities g; > 0, g2 > 0, g; > O represent 





ober: Ate: 
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three mutually intersecting half-spaces which define a semi-infinite volume in 
space: this is our polyhedron P. The polyhedral volume may be made finite 
by the specification of another half-space, such as g:+g2+g3 < 1; the resulting 
polyhedron now has vertices at (0, 0, 0), (1, 0, 0), (0, 1, 0), and (0, 0, 1), each 
vertex being formed by the intersection of three triangularly shaped bounding 
planes. Note that the bounding faces are described by replacing the inequality 
signs with equalities. If we now intersect the polyhedron with the plane z = 4 
the polyhedron will be projected onto this plane and form a triangle with 
vertices at (0,0, 4), (4,0, 4), (0, 3, 3). This example illustrates the general 
principle that the intersection of an n-dimensional polyhedron with a hyper- 
plane results in a polyhedron of »—1 dimensions. 
Suppose now we wish to find the maximum of a linear function 


F(g) = L448; on P. 
j= 


If M is the maximum, then F(g) < M for all points in P, while F(g) = M for 
at least one point. In other words, the whole polyhedron lies on one side of the 
hyperplane, F(g) = M, and has at least one point in common with this 
hyperplane. Such a hyperplane is called a supporting hyperplane. It is intuitively 
obvious in ordinary three-dimensional space, and is easy to prove in any n- 
dimensional space, that a supporting hyperplane must contain at least one 
vertex of the polyhedron. 

In three-dimensional space at least three of the bounding faces (planes) 
meet at a vertex. Similarly, in m-dimensional space at least m of the bounding 
faces meet at a vertex; algebraically, in the defining equations and inequalities 
of the polyhedron, at least ” of the equality signs must hold. If we apply this 
to the polyhedron P defined by the half-spaces and hyperplanes [30] and [31], 
we see that since we already have k equality signs in [31], then at least »—k 
of the equality signs in [30] must hold at a vertex, i.e., at most k of the g,’s can 
be different from 0 at a vertex. Therefore, the maximum of a linear function 
on P is attained at some point with at most & nonvanishing co-ordinates, where 
k is the number of linear constraints in the definition of P. Note that in the 
sequence corresponding to G(A, J), a nonvanishing g; corresponds to a jump 
from gi+ ...+g;-1 to gi+...+g,;, so that this sequence has at most k jumps 
at a vertex. The same reasoning applies to the problem of minimizing F(g) 
on P. 

The maximizing vertex will be unique if no edge of the polyhedron is parallel 
to the supporting hyperplane. This geometrical condition can be expressed 
algebraically in terms of the nonvanishing of certain determinants formed 
from the numbers a,; and g;. 

The above reasoning can be extended to certain infinite dimensional spaces. 
Physicists are already familiar with one infinite dimensional space, Hilbert 
space, as representing the state of a mechanical system in quantum mechanics. 
In the present problem under consideration, the space involved has as its 
“‘points’’ the functions G(A, T) of bounded variation (17) on the interval 
[0, Am]. The ‘“‘polyhedron”’ P is now defined by the conditions _ 
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[32] G(A, T) is nondecreasing in [0, A») 
and 
Ae 
[33] hha? « f Ky.) dGQ,T) =C, i=0,1,...,% 


Here [32] corresponds to [30] and [33] to [31], with the kernel K(y,, A) playing 
the role of the matrix (a,;). We have replaced k by k+1 constraints in order to 
make the conditions agree with [5]. In our physical problem K(y, A) = 1/(y+A). 
The set of functions G(A, 7) satisfying [32] and [33] form a convex polyhedron 
P in the infinite dimensional space. The “‘vertices” of P are represented by G’s 
which have at most k+1 jumps. The generalization of the ‘‘edge”’ criterion 
for uniqueness is as follows: 

If K(y, A) is Cartesian, i.e., if the number of zeros of any linear combination 


r 

Dd a; K(y;, A) in the interval [0, Am], where yi < ye... < y, is at most equal 

tml 

to the number of sign changes in the coefficients, then the G which makes a 
de 

given integral of the form J K(y, 4) dG(A, T) a maximum or a minimum 


0 

under the conditions [32] and [33] is a uniquely determined step function. 
Furthermore, if the kernel is Cartesian, then we can narrow down the positions 
of the jumps of the extremal G. This is expressed in the condition that its 
order must be at most k+1. The details of the proofs are beyond the scope of 
this brief summary. The kernel K(y, 4) = 1/(y+A) can easily be proved to be 
Cartesian by the use of problem 87 (8), and the standard formula for a Vander- 
monde determinant. (See also problem 48 (8).) 

It is quite likely that this method can be applied to other problems of infer- 
ence from empirical data. 
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THERMODYNAMIC CONSIDERATIONS OF SURFACE REGIONS 
ADSORBATE PRESSURES, ADSORBATE MOBILITY, AND SURFACE TENSION! 


By E. A. FLoop AND Max HvuBER? 


ABSTRACT 


The flow of water through the micropore system of activated carbon has been 
described in previous papers as a hydrodynamic flow of liquid water under high 
pressure gradients due to surface forces. It is shown below that these high 
pressures are probably real and that the temperature coefficient of the flow rate 
is closely related to the temperature coefficient of the viscosity of liquid water. 
Surface tension is discussed. 


If two volumes consisting of a single fluid substance have the same total 
Gibbs free energy* per unit mass and the same temperature, but have different 
positions in a scalar potential field, they will, in general, have different intrinsic 
thermodynamic potentials, different pressures and densities. They will, of 
course, be in a state of neutral equilibrium with respect to transformations 
into one another, the pressures and positions in the field remaining constant 
during the transformations. 

The condition that these two systems remain in reversible equilibrium with 
one another as the pressures are varied is that v:dp; = vedpe, the positional 
coordinates x, and x2 and the other variables remaining constant. This con- 
dition is necessary and sufficient regardless of whether the potential field is a 
function of pfessure ; or not. 

If a path of variation of the equilibrium pressure p;(”) is known as a function 
of the mass of material constituting the second system, as this mass varies 
from zero to m and the systems are in reversible equilibrium throughout this 
path, then the change in Gibbs free energy AF; at x; can be determined and 
must be equal to AF; at x2 along this path of variation of the equilibrium 
pressure. Thus we can write for the process of filling the two volumes 


AF = vi(n)dpi(m) = | ight v2(n)dp2(n) 


2, p=0, n= Z2,p=—0,n= 
p2 


” p2 
mn J. a“ re 


and hence also 








Di.M.2i RP. Zs N.Ds.Zs 


AF = V) (n)dpit+ aF) apt 


The positional ‘potential difference’ between the two volumes Q2(x:—<x,) 
may be obtained from the following: 
oF 
( *) dx 
Ox | 9.0 
O.n—0,7, R.Pr.Zs ®.Pe.Z1 
‘Manuscript received September 16, 1954. 

Contribution from the Division of Pure Chemistry, National Research Council, Ottawa, Canada. 
Issued as N.R.C. No. 8485. This paper was presented at the Symposium on Problems Relating to 
the Adsorption of Gases by Solids, held at Kingston, Ontario, September 10-11, 1964. 

*National Research Council of Canada Postdoctorate Fellow. 
+The total Gibbs free energy, F, may be defined by F = Fot+w = ny +nQ where Fo ts the Gibbs 


intrinsic free energy, w the potential of position, n the mass, u, the intrinsic thermodynamic potential, 
and Q the potential of posttion of unit mass. 
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and 


M.Da.Zi N.Pa.Zs 
f vidpit f(x)dx = 0 
M.Psr.Zi N.Da.Zi 
where 9; is written for (0F/dp).,, and f(x) for (0F/dx)» 9. 
Accordingly, 


M.Da.Zi Pats 
Q(x2—%1, P2) = if vidp, = f f (x)dx 


M.Pr.Zi Da.Z 


and 


1 N.De.Zs RPi.zZs 
Q(x2—X1, pr) = -if vod p2 = f tf (x)dx. 
n m.Di.zZs M.Dr.Zs 
If the last two expressions for 2 are the same, Q is independent of p, and »v is 
independent of x or of the field. 

In the case of equilibrium between a uniform reference volume and an 
assembly of elementary volumes of the same substance where the elementary 
volumes of the assembly have varying values of the x co-ordinate, i.e., varying 
values of the force function of the field, the conditions for reversibility are 
essentially similar and if »;(m) is known as a function of the mass of material 
in the whole assembly, then we may write 


[1] p= | @dp= 


0 Pl 


pi 





Ba 
p 





where p, and p, represerit respectively the volumetric mean pressure and 
density of the assembly of volumes, Zv,, = v¢. 

In adsorption reactions p,(m) is given by the isotherm, where m is the mass 
adsorbed and #; the equilibrium pressure. If v,, the adsorbate volume, is known, 
Bp. and |f,/p:| . p1 and hence p, can be calculated. 

If the adsorbate can be regarded as an assembly of volumes of a single 
component and if »:(”) represents a path of thermodynamic reversibility, p, 
as calculated from [1] will give the mean volumetric hydrostatic pressure of 
the adsorbate. 

Under the usual methods of measuring adsorption isotherms, p:(m) cannot 
represent a path of thermodynamic reversibility if it is anywhere a decreasing 
function of n. 

It is to be emphasized that Equation [1] is independent of the mechanism 
of adsorption and is equally applicable to adsorbate systems with or without 
menisci of various kinds, provided only that p:(m) represents a reversible path 
and that the adsorbate behaves as a single component substance in a scalar 
potential field. 

From the above relations it is easily shown (4) that the change in volu- 
metric average state of stress of the adsorbent as a result of adsorption of ” 
moles of gas may be expressed as follows: 


ec 


where 7,’ is the volumetric mean state of stress of the adsorbent; v, and », are 
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the void volume and solid volume of the adsorbent respectively; and a@ is 
defined by Pa” = J (Ba/p1) dp, =a. pr. 
From Hooke’s Law for isotropic bodies 

él BE seca 

1 —3% 
where 6/// is the length change per unit length, 8 is the bulk compressibility, 
and 6p' is the change in linear average state of stress along the length /. If the 
change in solid stress were due wholly to a change in hydrostatic pressure, 5p' 
would be equal to 5p". This would be the case if no surface field existed and 
the interaction of gas and solid were confined to an increase in hydrostatic 
pressure 6p,. Thus the change in state of stress of the solid may be thought of as 
consisting of two parts, one a change in hydrostatic stress, 6p1, and a second, 
5(p.°)’, due to interaction. Accordingly, we may write 

5p.” = 5p1+-6(p.")’ and 6p’ = 661+8(p')’ 

where, in general, 5(p,")’ and 5(p')’ are not equal. Let 


5(p')’ = K 6(p.")’, 


then 
5p! = (i4c%-x% a) 5p1; 
and putting v,/y, = ¢, the adsorption extension is given by 
al 1 a 
[2] T = ~g8U+K$—K ¢a) dpi. 


It is found that 5//1 as calculated by Equation [2] describes the data very 
well in the cases examined, as shown in Figs. 1 to 5. 
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Fic. 1. Adsorption extension: Water vapor on carbon, data of Haines and McIntosh (7). 
Broken line drawn through experimental points. O, adsorption; X, desorption. Solid line 
calculated from é//1 = 48¢ Kap, = 3.43- 1077-ap:. (@K = 4.76-1077 p.s.i.; @ = 2.16.) 








206 CANADIAN JOURNAL OF CHEMISTRY. VOL. 33 








200 








180 - 








aise (10%) 








50 Oo 









































° 100 200 300 400 500 
PRESSURE, MM. MERCURY 


Fic. 2. Adsorption extension: Dimethyl ether on carbon, data of Haines and McIntosh (7). 
Broken line drawn through experimental points. Solid line calculated from 81/} = 3.43-10~"- api. 
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Fic. 3. Adsorption extension: Water vapor on porous glass, data of Amberg and McIntosh 
(1). Broken line drawn through experimental points. O, adsorption; X, desorption. Solid line 
calculated from 8/i = 38¢ Xap; = 3.69-107"-ap:. (BK = 5.76-1077 p.s.i.; @ = 1.92.) 
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Fic. 4. Adsorption extension: Carbon rod No. 1 (25°C.) (cf. (4)). A, nitrogen; B, liquid 
water. Broken line drawn through experimental points. O, adsorption; X, desorption. Solid 
line calculated from 8//] = $8(1+¢K —¢Ka)p;. (8 = 3.3-1077 p.s.1.; K = 2.91; @ = 1.65.) 
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Fic. 5. Adsorption extension: Water vapor on Carbon rod No. 1 (25°C.) (cf. (4)). A, axial 
extensions; B, radial. Broken line drawn through experimental points. Solid line calculated. 
Axial, A, as for Fig. 8. Radial, B, as for Fig. 8, but K = 2.23. 
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The above relations may also be applied to permeability problems. It can 
be shown that if surface forces within a small capillary condense a dilute vapor 
to densities exceeding the saturation value and so cause a dense liquid film to 
form on the surface, and if the liquid film is greater than a few molecules deep, 
the flow rate can be written 








iw tly dp, _ ~A padp, _ A|pa| Apr 

wi m | dx ni pi dx nilpil L ’ 
where 1, ), = pressures of gas and adsorbate, respectively; 1, p, = den- 
sities of gas and adsorbate, respectively; Q, = flow in gm./min.; , = liquid 


viscosity. 

It has been shown that this formula represents the flow rate of water through 
the micropore system of some carbons fairly well (5). 

This formula indicates that at equal values of the pressure and concentra- 
tion gradients, the relative flow rates at two temperatures (25° and 35°C.) 
can be expressed by 
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Fig. 6 shows calculated and observed water flow rates for an active carbon 
where the macropores have been filled with a lead alloy, thus largely removing 
macropore flow. The constant A is calculated from the flow at 25°C. at the 
point p/p, = 0.89. The curves at 25°C. and 35°C. are calculated using this 
value of A. Incidentally, A is almost identical with the calculated value based 
on pore size distributions reported by Emmet for similar carbons, and is nearly 
the same as the constant for unfilled carbon rods, when allowance is made for 
increased path lengths. 

Between the region of classical hydrodynamic and/or effusive flow through 
large pores (> 10-5 cm.) and the region of slow diffusive flow through pores of 
molecular dimensions (<10-7 cm.) where diffusion coefficients involve large 
activation energies and are often highly specific (cf. Barrer (2)), we should 
expect a pore size region (10~7 to 10-5 cm.) where the flow mechanisms are 
essentially classical but where fluid densities and pressure gradients within the 
pores are considerably increased by the surface forces. Our results strongly 
suggest that this is indeed the case. 


Surface Tension of Fluid Interfaces 


There appear to be some differences of opinion as to whether the Helmholtz 
free energy per unit surface and ‘surface tension’ are the same thing or not 
(cf. Shuttleworth (10)). Some authors treat the surface film as a separate 
thermodynamic system distinct from the material lying on either side of it, 
while other authors consider that the ‘surface free energy’ is the change in 
Helmholtz free energy of the whole system when it is changed in such a way 
that the surface increases while the volume of the whole system remains con- 
stant. 

In a fluid interface, the pressure in every elementary volume must be the 
same in all directions. Following Tolman (11) we may think of the interface 
as made up of laminae parallel with the surface and we must suppose a pressure 
gradient along the normal to this surface. If the gradient extends a distance 
h along x, the normal to the interface, and if (x) is the mean value of the stress 
intensities of the various laminae parallel with the surface, the stress inten- 
sities being averaged over the interval h, then p(x) .h is the surface force 
exerted by unit length of the surface region. If f(x) is negative, —p(x) .h is 
literally a positive ‘surface tension’. In this case, if hk is constant and p(x) is a 
function of T only, then (dA/dc)r = —p(x) .h = y, and y is unambiguously 
the Helmholtz free energy, A, per unit of surface area o. 

If we consider a spherical or cubical shell of thickness h where the mean 
parallel stress intensity in the surface shell is p(x), and fo is the uniform pres- 
sure outside of the body while p is that inside, then balancing forces, the 
pressure difference across the surface is given by 


b—po = (2[bo—p(x)]h)/r or Ap = 2y/r, 


where 7 is either the radius of the sphere or one half the side length of the cube. 
The reversible work of forming a drop of liquid within a large constant 
volume of gas is }y¢ as shown by Gibbs (6). An assembly of drops (or cubes) 
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of various sizes contained within a constant volume does work w (not reversible 
in this case) when small drops are converted to larger drops, the work being 
very nearly equal to 4c. If we had defined the surface tension as (dw/dc)7, 
for this process, this ‘surface tension’ would be only one third of the actual 
surface tension. In this case, as in the case considered by Gibbs, the work 
consists of two parts, the work done by the surface, yAc, less the work done on 
the interior mass, vAp. In some cases we cannot measure surface tension 
directly and cannot distinguish between the work done by the surface and the 
work done simultaneously on or by the interior mass. ‘Surface free energies’ in 
such cases are ‘surface differential free energies’ of whole systems wherein 
surface tension proper may play only a very small part. It is only when the 
system consists wholly of a single kind of surface layer that (0A/dc)r is 
reasonably unambiguous and that 7, the tension of the surface, measures the 
Helmholtz free energy of that surface. Evidently, in the case of liquids the 
‘surface tension’ rather than the ‘surface free energy’ is the more directly 
observable quantity; and if there be any meaning to such distinctions, then as 
pointed out by Brown (3), the surface free energy is to be regarded as the 
‘useful fiction’ and the surface tension the ‘reality’ rather than the other way 
about. 

When a liquid is separated from its vapor by a flat fluid surface of tension 
the following conditions prevail. The Gibbs free energy of every lamina is the 
same and independent of their positions along x, the normal through the sur- 
face. The hydrostatic pressures are the same in the bulk liquid and in the gas, 
and densities of bulk liquid and vapor are constant. But within the interface 
density and pressure gradients exist. Thus, specific volumes, v(x), and pres- 
sures, p(x), of laminae are variable functions of x within the interfacial region. 
If we take xo as the end of the liquid region whose pressure is fo, and x = Xo 
to x = has the interfacial region, and if Q(x) is the potential of field and f(x) 
the force function of the field, we have the following necessary relations: 


a= ff Beem Soa [7 (2) a 


and 
p(x) = pot f ED) ae x, <x <h. 


The functions o(x), p(x), Q(x), f(x) etc. must conform to the following 
equations: 


dF = (2 F) ac+( 2 F) ap = = f(x) dx+v(x) dp(x) = 0 


SR = f f(x) dx = -f v(x) PO a = 0, 
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These equations impose considerable restrictions on possible forms of the 
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various functions. Thus if Q(x) have a single extreme, say a maximum at x, 
the minimum pressure must occur at x,, and since the mean value of the 
magnitude of dp(x)/dx in the interval x» to x, must equal that in the interval 
X» to hk, and since from physical considerations the mean value of v(x) must be 
greater in the later interval, v(x) must have a maximum in the interval 0—<x,,, 
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i.e., in the region of lowest pressures. Accordingly Q(x) cannot have a single 
extreme‘ when surface tensions have appreciable positive values and when 
vapor densities are low. Assuming a simple form for Q(x) having a maximum 
and a minimum, and choosing a physically plausible form v(x), the relations 
which must subsist between the various functions can be illustrated approxi- 
mately (see Fig. 7a). Evidently, this surface adsorbs its own vapor (cf. Wyllie 
(12)). For convenience of illustration the difference between the specific 
volumes of liquid and vapor has been taken much less than is the case with 
liquid—vapor systems such as water. The magnitudes of the negative pressures 
are also much smaller with respect to vapor pressures than is the case in ordin- 
ary systems of appreciable surface tension. In the case of the water interface 
— p(x) .h = 70 dynes cm.—! at room temperature. If the thickness of the 
interface, h, lies between 10 and 1A, the mean negative pressure or mean 
stress intensity must lie between 700 and 7000 atm. Evidently such large 
tensile stresses cannot be sustained in the more dilute regions of the fluid 
interface and hence, practically the whole contribution to p(x) must come from 
the region where the fiuid has high tensile strengths, high densities, and low 
‘compressibilities, i.e., from the liquid region of the interface. The maximum 
tensile stress in this region will exceed the mean tensile stress by factors 
depending on the relative thicknesses of these regions, the factor being the 
greater, the smaller the ratio of the thickness of the dense region to the thick- 
ness of the whole interface. In the case illustrated in Fig. 7a the factor is about 
five and correspondingly, the maximum tensile stress is between 35,000 and 
3500 atm. for total film thicknesses between 1 and 10 A. The film thickness as 
measured by the Rayleigh method will be the region of rapid change of refrac- 
tive index and thus will be the region of rapid increase in specific volume. The 
thickness of the water interface as measured by Raman and Ramdas (8) using 
the Rayleigh method is about 1 A. If the relative thicknesses of the various 
regions are as illustrated, the total film thickness is somewhat less than 10 A 
and the maximum tensile stress of the order of 4 X 10° atm. It seems very 
improbable that this figure can be much too low since it is comparable with the 
measured tensile strength of some metals. 
Capillary Rise and Depression 

As a variation of the ‘flat’ interface illustrated by Fig. 7a we may suppose 
the whole system raised or lowered in a potential field independent of surface 
potential fields. If we impose the condition dF = 0 for this variation the con- 
ditions are analogous to capillary rise or depression. 

In order that dF = 0, the relative changes in liquid and gas pressures will 
be more or less proportional to densities. Accordingly the p(x) curve must be 


distorted so that 
a 
f PE) ac 0. 
zs, x 


However, for small rises or depressions p(x) and Q(x) will not be changed 
appreciably, since the magnitudes of p(x), p(x) etc. are large compared with 
‘That is, 2at) 


= 0 at more than one value of x between xo and h. 
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the pressure changes introduced by the rise or depression. For large depressions, 
analogous to the effect of curvature on very small droplets, the pressure changes 
may be comparable with p(x). In such cases to retain constancy of surface 
tension either Q(x) must change or the surface thickness or both must change. 
A natural assumption is that the tendency of the surface to adsorb its own vapor 
becomes less on surfaces concave toward the dense phase and hence that Q(x) 
is changed. Fig. 76 illustrates a ‘capillary depression’ of the hypothetical 
system illustrated by Fig. 7a, the values of #(x) and A being unchanged, but 
v(x), p(x), and Q(x) distorted so that there is a net pressure difference between 
liquid and vapor. 

The energy of a vapor is in general much greater than the energy of the 
corresponding liquid. The heat energy or TS energy change from liquid to gas 
is somewhat greater than the corresponding internal energy change (i.e., by 
poAv). In order that a positive potential of position exist in the interface 
[A(E+ pov) /Ax] Ax must exceed (TAS/Ax). Ax. Since poAv is small, especially 
in the dense region of the interface, we may ascribe the positive potential of 
position to an increase in energy without a compensating increase in entropy. 
In the more dilute region the negative potential of position may be ascribed 
to the large increase in entropy associated with the large volume change, the 
entropy in this region becoming too large with respect to the energy. The energy 
of a single phase (Jamina in this case) of one component cannot vary continuously 
at constant yn, T, and P; consequently, strictly continuous density (energy) 
gradients must.be associated with pressure gradients, i.e., potential gradients. 
Evidently surface potentials are in the main due to the very sharp density 
gradients in the neighborhood of the surface. Accordingly changes in surface 
conditions which tend to reduce density differences and which tend to equalize 
compressibilities will tend to reduce surface potentials. Thus, it would appear 
that the ‘surface tension’ of the flat surface is near the maximum and that 
either increasing or decreasing the equilibrium pressures by very large values 
will in the limit result in a vanishing surface tension. In the case illustrated in 
Fig. 7b, the mean potential of the matter in the surface region is increased by 
the distortion (cf. Rice (9)). 


A primary objective of the inquiry outlined above is to obtain some notion 
of the physical factors controlling rates of flow of fluids through porous 
adsorbents. Evidence has been obtained that in the case of pores which are 
fairly large compared with molecular dimensions (10-7 to 10-§ cm.), flow 
mechanisms are essentially those of classical laminar flow, but are controlled 
by density and pressure gradients (both parallel and normal to the direction 
of flow) that are functions of the surface forces. Generally, these gradients are 
not directly observable and accordingly must be measured indirectly or 
inferred from measurements of adsorbate pressures, surface tensions, surface 
potentials, or other average properties. Where we can determine density 
gradients we can calculate corresponding pressure gradients and can make 
considerable progress in relating net flow rates to the physical structures of 
ultra fine grained porous adsorbents. 
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THE DETERMINATION OF PORE SIZE DISTRIBUTION AND 
SURFACE AREA FROM ADSORPTION ISOTHERMS' 


By E. M. VoictT? AND R. H. TOMLINSON 


ABSTRACT 


Theoretical isotherms have been developed which when compared to experi- 
mental isotherms showing hysteresis, allow the calculation of pore size, pore size 
distribution, and surface area of the sorbent. Interpretation of some experimental 
isotherms obtained with porous vycor glass shows that this system can best be 
represented by the “‘ink bottle’’ pore model with a Gaussian distribution of pore 
sizes. The mean pore radius of the porous glass is about two thirds of the Kelvin 
radius, and the surface area greater than that obtained from the B.E.T. theory. 
The Kelvin radius is interpreted as a weighted average, but the B.E.T. surface area 
appears more fundamentally different. 


INTRODUCTION 


The B.E.T. (4) theory which has been widely used for interpretation of 
adsorption phenomena fails to account for the types IV and V isotherms of the 
Brunauer classification (3). The more complete B.D.D.T. theory (3), which takes 
capillary condensation into account, applies only to those systems where 
there is no distribution in pore size or where the variation from an average 
pore size is not too great. ‘ 

Several attempts have been made to interpret adsorption, particularly at 
high relative pressures where hysteresis is encountered, in terms of pore distri- 
bution and capillary condensation. The radii of cylindrical capillaries which fill 
at a given partial pressure may be evaluated by means of the Kelvin equation: 


In (P/Po) = —2yVi/R Ro T 

where P 
Po 

7 


pressure, 
vapor pressure at the temperature 7, 
surface tension, 
V, = molal volume of the adsorbed liquid at the temperature T, 
R capillary radius, 
Ro = the gas constant, 
T = absolute temperature. 

The particular radius corresponding to the point of inflection on the hyster- 
esis loop is known as the Kelvin radius. This radius may be interpreted as the 
radius of that pore having the most probable volume. If, however, there is a 
distribution of pore radii, the pore which has the most probable volume will 
have a greater than average radius. Whether the adsorption or desorption 
branch of the isotherm should be used for the determination of the Kelvin 
radius will be considered below. A more basic capillary condensation equation 
has recently been derived by Kistler (8): 

{1] dA/dV = —In(P/Po)RoT/My, 

1Manuscript received June 11, 1954. 

Contribution from the Department of Chemistry, McMaster Unwersity, Hamilton, Ontario. 
This pager was F warming at the Sympos1um on Problems Relating to the Adsorption of Gases by 


Solids, held at Kingstcn, Ontaric, Sepiember 10-11, 1954. 
*Holder of Research Council of Ontartc Scholarship. 
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where A = pore area, 
V = pore volume. 
It may be seen that this relation reduces to the Kelvin equation for cylindrical 
capillaries or spherical pores. 
From the experimental isotherm it is possible to obtain directly a plot of 
the pore volume distribution curve. Kubelka (10) has used a plot of 


d(V,/V,)/d log D vs. log D, 


where V, is the total volume adsorbed at a given relative pressure, 

V, is the total volume adsorbed at the saturation pressure, 

D is the pore diameter as calculated from the Kelvin equation for the 

relative pressure corresponding to V,. 
The curves obtained resemble typical probability curves and Kubelka inter- 
preted their maxima as corresponding to the capillary diameter that occurs 
most frequently in the adsorbent. Schuchowitski (13) has criticized Kubelka’s 
plot on the basis that it did not differentiate between adsorption and capillary 
condensation. Foster (7) overcame this objection by plotting a function similar 
to that of Kubelka, but using only the hysteresis region of the isotherm. In 
either case, however, the peak of the distribution curve merely corresponds to 
the point of inflection on the original isotherm, and hence the “‘average’’ pore 
radius calculated from these methods is the Kelvin radius discussed above. 
Wheeler (15) has suggested an integrated theory combining multilayer 

adsorption and capillary condensation. Following the suggestion of Wheeler, 
Shull (14) has assumed that multilayer adsorption reduces the pore size by an 
amount ¢ at any given pressure. Thus one must use a modified Kelvin equation 
which relates the maximum pore that will be filled owing to capillary condensa- 
tion at any given relative pressure: 


In (P/Po) = —2yV,/(R—#)RoT, 


where ¢ = thickness of the adsorbed film. It was concluded that a plot of 
V.— V against R—t, where R—?# was evaluated by means of the above equation, 
should correspond to the integral: 


2 Jo e-o*L Rar, 
R 


where L(R)dR is the total length of pores whose radii fall between R and R+dR. 

By assuming various forms of the distribution function L(R)dR, families 
of curves were obtained. Each member of a given family corresponded to a 
value of the most probable pore size. These theoretical curves could then be 
compared with experimental isotherms plotted in the same manner. That 
member of a given family of the theoretical curves which most closely repre- 
sented the experimental curve would allow one to choose the type of distribu- 
tion and mean pore radius of the pores in the experimental system. Whereas 
the method of Wheeler and Shull is adequate for many systems, it makes no 
allowance for the influence of pore shape. In any system having a distribution 
of pores, most of the total void volume will arise from those pores which are 
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greater than average in radius. It follows that volumes of sorbed material as 
obtained from capillary condensation measurements might well be more 
adequately represented by a f(R*) (‘ink bottle’) type of pore volume function 
than a f(LR?) (cylindrical type) volume function. The present work evaluates 
the theoretical form of capillary condensation isotherms for various pore 
shapes, sizes, and distributions. Further, it has been possible to obtain infor- 
mation about the thickness of the adsorbed film, and the surface area of the 
sorbent. The theory is discussed with reference to some experimental isotherms 
obtained by Barrer (2) and Emmett (6) for porous vycor brand glass. 


THEORETICAL 
Distribution of Capillary Condensation Radii 

The Kistler equation [1] in the appropriate form indicates the relative 
pressure at which condensation will occur on a meniscus in a capillary of a 
given shape. Such condensation would also occur on an adsorbed layer covering 
the concave surfaces of a porous system. If such condensation leads to a reduc- 
tion in the radius of curvature of the surface, condensation will continue on 
this surface at constant pressure as long as the radius of curvature continues to 
reduce. In this discussion a pore will be considered as any void region in a 
porous material which by virtue of this process completely fills at constant 
relative pressure. Also the pore radius will be considered as the radius of 
curvature of that surface on which the above pore filling process started to 
occur. ; 

If a given porous system has a distribution of pore radii, one may expect 
that at a given partial pressure, pores of radius equal to or less than the value 
determined by the appropriate form of the Kistler equation [1] will be com- 
pletely filled. That is, if the volume of a pore in the porous system is expressed 
by the function 

V = f.(R), 


and if the number of pores having radii falling between R and R+d@R isgiven by 
dn = f2(R)dR, 
then the volume of all pores with radii between R and R+4dR is 
dV = Vdn = f,(R) X fe(R)dR, 


i 


and the ratio of the sum of the volumes of all pores whose radii are equal to 
or less than R to the total volume of all the pores is given by 


R @ 
(2 V/Ve= J GR) x falRVAR)/ J” CR) x fa(R)AR). 


In order to solve equation [2] it is necessary to obtain explicit functions for 
fi(R) and f2(R). Various pore models may be assumed. 
(a) The cylindrical type pore model for which 


fi(R) = K,LR’, 
where K, = shape factor (K, = x for cylinders), 
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and L = length of pore. 
(6b) The ‘ink bottle’ type pore model for which 


fi(R) = KR’, 


where K; = shape factor (K2 = $x for spheres). 

It is most reasonable to assume that the distribution in pore size is either 
Maxwellian or Gaussian, although in some porous systems other types of 
distribution may occur. 

(a) For a typical Maxwellian distribution 


f:(R) = AME exp( — ») , 


where N = number of pores per unit mass, 
and a= aconstant. 
(6) For a typical Gaussian distribution 


f2(R) = NA exp] 2 (R—a)'| ; 


where A = normalization constant 


- J “exo, —fir—a)'| dR, 


8 = constant. 

With both of these distributions a may be interpreted as the most probable 
radius, and 6 which occurs in the Gaussian function is a measure of the dis- 
tribution width. 

Four solutions to equation [2] may be obtained using the four possible 
combinations of the above pore models and distributions. 

(a) Cylindrical type pore model with Maxwellian distribution of pore radii 
V 


‘ta ae 
(3) deers te dea pte a 


where x = R/a. 
(6) Cylindrical type pore model with Gaussian distribution of pore radii 


py (4+6°) f “ e"dete™ (B—46)—e" (6+42) 
[4] y= - 
(4+8’) f e*'dz+(B—48) e™ 
-8 





where z = B(R—a)/a. 
(c) ‘Ink bottle’ type pore model with Maxwellian distribution of pore radii 
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where x = R/a. 
(d) ‘Ink bottle’ type pore model with Gaussian distribution of pore radii 
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1 —z? 2 2 1 —f 2 ( 3) % —2? 
age (1+38 +3Bs+2) +555 € (1+8°)+ +59 # dz 


2 
1 —f* 2 3 ) - —z? 
2s ° (1+8 +(1435 Sie dz 
wherez = 6(R—a)/a. 


Values of the functions V/V, versus R have been plotted in Figs. 1-6 
corresponding to each of the various systems represented by equations (3, 4, 5, 
6]. Each curve in a given figure is representative of a different value of the 
parameter a (the most probable pore size). Two families of curves have been 
plotted for each pore model with a Gaussian distribution, since these systems 
have a further parameter 8. As 8 may have any positive value these are merely 
representative of a large number of families which may be plotted for these 
systems. The plot of V/V, versus R for a particular value of a (and 8 for 
Gaussian distribution) will be known as a theoretical or normalized capillary 
condensation isotherm for the given pore model and distribution. 


Distribution of Pore Radii Including the Thickness of the Adsorbed Layer 


In addition to capillary condensation true adsorption contributes to the 
total amount of the sorbed material in a porous system. Since all adsorption in 
any pore must precede capillary condensation, the capillary condensation 
radii distributions evaluated in the previous section must be representative of 
pores which are reduced in radius by an amount equal to the thickness of the 
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Fic. 1. Normalized isotherms—calculated for a Maxwellian distribution of pore sizes and 
cylindrical volume function as given by equation [3]. 

Fic. 2. Normalized isotherms—calculated for a Gaussian distribution of pore sizes and 
cylindrical volume function as given by equation [4] with 6 = 2. 
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Fic. 3. Normalized isotherms—calculated for a Gaussian distribution of pore sizes and 
cylindrical volume function by equation [4] with 8 = 1. 

F Normalized isotherms—calculated for a Maxwellian distribution of pore sizes and 
cubic volume function as given by equation [5]. 
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Fic. 5. Normalized isotherms—calculated for a Gaussian distribution of pore sizes and 
cubic volume function by equation [6] with 6 = 2 
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adsorbed layer. If it is assumed that at saturation the adsorbed material is 
equally distributed on all surfaces, the ratio of the volume filled by capillary 
condensation to the total volume of the system is given by 


v/Vi= fpiRpRrar/ fpcRyecRar, 


where f3(R) = f2(R) with R—a replaced by R—(a+4t), 

and t = thickness of adsorbed layer at saturation if equally distributed 
on all surfaces. 

Thus for the Gaussian distributions 


exp| ——3(R-—a)° |dR 
0 Qa 


a i” 8 2 
J 'Rexp —2{R—(a+t)}? |dR 
0 a 


where » = 2 for the cylindrical type pore model, 
and 2 = 8 for the ‘ink bottle’ type pore model. 
Solving equation [7] we obtain: 

(a) cylindrical pore model 


ve pe” + (142°) 





7] io 








8 = 
8] V, Boe? + (14+267w") I(t) 
where w = att I= i dx with x = 8 (R—a), and J (t) = Sie dx. 
(6) ‘Ink bottle’ pore model 
(9] %.. (6°+1) &*'+(38+8°)I 
Vi. (Bw +1) "+ (380+ Bw") I(t) * 


Determination of Surface Area 


The surface area of a given porous system may be represented by: 


J f@fa@ar: 


S, = surface area per unit weight of porous material, 

f3(R) = the surface area of a pore whose volume is f:(R), 

f2(R) = the particular distribution function determined above in which a@ is 
set equal to a+t. 

Thus the surface area per unit mass of sorbent for the ‘ink bottle’ model with 

Gaussian distribution of pore radii is given by 


Sw 


r 2 
[10] Sy = f K;R°AN exo] -(R-R,)* |aR, 
0 
where Ry = a+/ (when assumption of equal distribution of adsorbed material 
is justified), 


K,; = shape factor (K; = 4 for spherical pores). 
To solve equations of type [10] requires a knowledge of the shape factor K; 
and the number of pores per unit mass N. Since these quantities can not be 








i 
Y 


222 CANADIAN JOURNAL OF CHEMISTRY. VOL. 33 


evaluated from sorption data alone without further assumptions, it is consi- 
dered simpler to evaluate the surface area of the porous material from V,, 
the volume of adsorbed material required to form a monolayer on the surface 
of the sorbent. This calculation allows the use of more generally recognized 
assumptions. 

It is apparent that the evaluation of V’,, is analogous to the determination 
of the thickness of the adsorbed layer, except that in this case the value of the 
thickness may be assumed to be one molecular diameter. Thus 


Ve Va_ J Reng] —231R—(Re—m)|*| dR 


11 
[11] V; ’ ; 
f Resp] —51R—Rel| dR 
0 Qa 

where m = thickness of monolayer = 1 molecular diameter of adsorbate. 
Solving equation [11] for: 
(a) Cylindrical pore model (n = 2) 
Vi-Vm _ 16 +(1+2n°) T(n) | 

V; re +(1+2r°) I(r) ' 





[12] 





whee = B(Ry—m), indew ER, Ried f Stewed Hie) = f be. 


(6) ‘Ink bottle’ pore model (m = 3) 
Vi-Vin _ (+1) " +(8n+n°) T(n) | 
V, (+1) "+ (8r+7°) I(r) ' 
where J(n) and J(r) have the same meaning as in [12]. 3 
Surface area may then be evaluated in the usual manner from the relation 
Vin 
sit ” ~ 22400 
where S, = surface area per gram of adsorbent, 
N, = Avogadro’s number, 
A, = surface area covered by a molecule as obtained from the equation 
_ M \. 
An = 4 x 0.866] 7M , 


where M = molecular weight of adsorbate, 
p: = density of the liquefied adsorbate at temperature of the isotherm. 





[13] 
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EXPERIMENTAL INTERPRETATION 


In order to find the distribution of capillary condensation radii in an experi- 
mental system, it is necessary to obtain the experimental values of V/V, and 
plot these against R, where R is calculated from the Kistler equation [1] in © 
the appropriate form for the relative pressure corresponding to V. That is, 
for the 


OE Re oF 


Cylindrical pore model: adsorption—Cohan equation, 
desorption—Kelvin equation; 
KR®* pore model: adsorption—Kelvin equation. 
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(For discussion see below.) The pore model and distribution parameters may 
then be obtained from the theoretical isotherm that gives the best fit to the 
experimental curve. Before it is possible to obtain these quantities from the 
experimental isotherm it is necessary to understand the mechanism of adsorp- 
tion hysteresis. In some cases hysteresis is not reproducible. Zsigmondy (16) 
has suggested that this type of hysteresis probably results from the effects of 
surface impurities. Where the branches of the hysteresis loop are entirely 
reproducible, two main theories have been proposed. The ‘ink bottle’ theory of 
Kraemer (9) which has been adopted by McBain (11) suggests that during 
adsorption, capillary condensation occurs on a relatively large meniscus in the 
‘bottle’ part of the pore, and that desorption must occur from the smaller 
meniscus of the ‘neck’ of the ink bottle pore. Although this theory has not yet 
been proved Rao (12) has shown that in a qualitative way it will explain his 
experimental data. Proponents of this theory have considered the adsorption 
branch of the isotherm as most significant in determining pore radius. The 
‘ink bottle’ hypothesis does not necessarily imply that each ‘bottle’ has only a 
single neck, for the arguments would be equally valid for any porous network 
having larger pores connected by smaller ones. 

Cohan (5) has suggested a theory of hysteresis which turns out to be very 
similar to the ‘ink bottle’ theory, except that it is subject to a more quantita- 
tive treatment because of a simpler pore model. Cohan considers the pores to be 
cylindrical in shape and that adsorption capillary condensation occurs as an 
annular ring on the wall of the pore rather than on a normal meniscus as 
required by the Kelvin equation. For these conditions the Kelvin equation 
must be modified, and Cohan has shown that this modified equation is identical 
in form to the Kelvin equation except for the disappearance of the numerical 
factor 2. This modification of the Kelvin equation can also be obtained directly 
from the Kistler equation [1]. Therefore radii calculated with Cohan’s equation, 
using the adsorption branch of the isotherm, are one half those obtained when 
the normal Kelvin equation is used. 

Desorption, on the other hand, occurs from the surface of a normal meniscus 
in a completely filled capillary, and the vapor pressure over the meniscus could 
therefore be represented by a normal Kelvin expression. Whereas Cohan has 
been able to obtain quantitative relations between adsorption and desorption 
for the cylindrical pore model, it is to be expected that in most systems the pore 
radii will vary from point to point along their lengths and the ‘ink bottle’ 
model will more nearly represent most porous systems. No quantitative 
expressions, however, have yet been developed to relate the adsorption and 
desorption pressures in the more complicated but realistic ‘ink bottle’ system. 

There is, however, a good visual test which allows one to choose between the 
Cohan and the ‘ink bottle’ models. The difference may be seen when the weight 
adsorbed, after the contribution of reversible adsorption is subtracted, is 
plotted against the log of the relative pressure.* For the Cohan mechanism, 


*The reversible adsorption in the pressure region where hysteresis occurs may be approximately 
estimated from the slope of the top of the hysteresis loop which Amberg and McIntosh (1) have 
shown to be reversible. 
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adsorption and desorption branches of the isotherm should then be entirely 
symmetrical since the form of the adsorption, as well as the desorption branch, 
is determined by the same pore radii distribution. Their relative positions, 
however, are determined by differences in the shapes of the menisci. In the 
case of the ‘ink bottle’ model the shapes of the menisci are the same and it is 
the largest pore neck which determines the relative pressure at which desorp- 
tion occurs in a given pore. The amount desorbed, however, depends more on 
the volume of the pore than on the volume of the necks leading into it. The 
position and shape of the adsorption branch is then fixed by the distribution of 
pore sizes whereas the position and shape of the desorption branch is related 
to the radii distribution of the largest necks connecting the pores. Since there 
may be several necks to a given pore, the probability that all of these are much 
smaller than the mean radius of the necks is greatly reduced, and hence one 
would expect the desorption branch of the isotherm to represent an apparent 
distribution of pore necks with greatly reduced numbers of small necks. This 
difference will manifest itself in a much steeper desorption isotherm, parti- 
cularly in the lowest relative pressure region where hysteresis is observed. 

Whereas this test may allow one to establish the Cohan mechanism, it can 
only show in a qualitative way the possible validity of the ‘ink bottle’ model. 
A quantitative test of the ‘ink bottle’ model may be obtained by comparison of 
experimental and theoretical isotherms, but as yet this comparison applies to 
only the adsorption branch. 

Further, it is necessary to interpret the form of the experimental isotherm in 
terms of the physical processes which give rise to it. If the partial pressure of a 
sorbable gas over a sorbent is increased, this pressure increase may lead to one, 
two, or three types of physical sorption: 

(a) Complete filling of pores whose radii are equal to or less than the value 
required by the Kistler equation [1] in a form corresponding to the model. 
(6) Adsorption on the surfaces of pores whose radii are larger than the value 
required for Kelvin condensation. 
(c) Capillary condensation into the corners of pores which are too large to 
completely fill at the given partial pressure. 
Types (a) and (0) are self-explanatory, but type (c) is best illustrated with 
reference to a specific model. For a boxlike pore capillary condensation may 
occur into the corners, but the addition of each layer of sorbate increases the 
radius of curvature of the menisci so that further condensation requires an 
increase in pressure. Gas condensed in this manner would show no hysteresis, 
and would be difficult to distinguish from multilayer adsorption. When, 
however, the corners of the boxlike pore are completely filled and only a single 
spherical hole remains, further condensation reduces the radius of curvature 
of the meniscus and the slightest increase in pressure will result in complete 
filling of the pore. This pore filling process is the type (a) condensation which 
results in the ‘ink bottle’ type hysteresis. 

The value of V used in the theoretical isotherms corresponds to type (a) 
sorption only, while V, is the value of V at saturation pressure. Since type (a) 
sorption always leads to hysteresis, the maximum value that V may have at any 
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Fic. 7. Typical adsorption-desorption isotherm showing hysteresis. 




















Fic. 8. Comparison of theoretical and experimental isotherms: experimental values from 
Emmett (6) using ratio of V./V cy (FiG. 7). 

A Selected Gaussian isotherm of cubic type with 8 = l anda = 10A (equation 6). 

Fic. 9. Comparison of theoretical and experimental isotherms: experimental values from 
Emmett (6) using ratio of V:/V-. (Fig. 7). 

A Selected Gaussian isotherm of cubic type with 8 = 1 and a = 22.5A (equation 6). 
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given relative pressure is equal to the total amount sorbed less the amount sorbed 
at the relative pressure where hysteresis becomes significant. Thus if only 
type (a) sorption occurs in pressure regions where hysteresis is observed then 
a plot of V/V., (see Fig. 7) should correspond to the theoretical isotherm. 
This ratio taken from Emmett’s experimental isotherm for nitrogen on porous 
glass (6) has been found to fit best the theoretical isotherm (equation 6) for 
8 = 1 and a = 13A (see Fig. 8). If, however, sorption other than type (a) 
is contributing to the total sorption in the pressure region where hysteresis 
occurs, it is necessary to know what shape the adsorption isotherm would have 
had if capillary condensation had not contributed. Test extrapolations of the 
region A-B (see Fig. 7) of the experimental isotherm for porous glass show that 
the actual form of this extrapolation makes relatively small differences in the 
fit of the ‘experimental’ V/V, and the theoretical isotherms. Thus the ratio 
V./ Viz (see Fig. 7) taken for the same nitrogen isotherm as above still fits the 
theoretical isotherm (equation 6) with 8 = 1 anda = 15A (Fig. 9). Compari- 
son of Figs. 8 and 9 shows that the fit of the ‘experimental’ isotherm to the 
theoretical isotherm is better in the case of Fig. 9 although the actual dis- 
tributions and mean pore radii are not significantly different. Since this choice 
is not critical for the porous glass system the ratio V,/V., (Fig. 7) has been 
used in this work as the experimental value comparable to the ratio V/V, of 
the theoretical isotherm. In Table I the types of distribution, pore model, mean 
capillary condensation radius, and distribution width 8 are summarized for the 
experimental isotherms obtained by Barrer (2) and Emmett (6) for porous 
vycor glass. 











TABLE I 
MEAN PORE SIZE AND PORE SIZE DISTRIBUTION IN POROUS GLASS CALCULATED FROM VARIOUS 
ISOTHERMS 
Mean 
Character Mean Adsorbed radius 
Substance Type of of Distribution capillary layer after 
adsorbed distribution volume width, condensation thickness, addition 
function B - t, (A) of comes 
layer 
— — 
Ro, ( ) 
Argon 
(Ref. 6) Gaussian Cubic 1 17.5 6.4 23.9 
Nitrogen 
(Ref. 6) Gaussian Cubic 1 15.0 4.5 19.5 
Butane 
(Ref. 6) Gaussian Cubic 2 15.0 (2.2) 19.9* 
Oxygen 
(Ref. 2) Gaussian Cubic 1 18.0 6.18 24.2 
Ammonia 
(Ref. 2) Gaussian Cubic % 15.0 10.7 25.7 





*Layer thickness assumed to be one molecular diameter (4.9 A). 
DISCUSSION 


The typical comparison between an experimental isotherm and a theoretical 
isotherm shown in Figs. 8 and 9 indicates that the adsorption isotherm in the 
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region where hysteresis is observed can for the porous system investigated be 
very closely represented by equation [6]. This tends to justify the assumptions 
which lead to this equation, i.e. 

(a) There is a Gaussian distribution of pore radii; 

(6) The pore volumes can be represented by an R® (ink bottle) function; 

(c) All pores of radius equal to or less than that which is evaluated from the 
appropriate form of the Kistler equation [1] will be completely filled at a given 
partial pressure, i.e., the assumption that capillary condensation is the pre- 
dominant factor in the region of hysteresis is valid. 

From Table I it is apparent that the type of distribution, as well as the 
character of the volume function found for each gas, is very self-consistent. 
However, slight differences are found with respect to the values obtained for 
the parameters 8 and a. This can possibly be ascribed to the fact that the sys- 
tem has a most probable pore size comparable to the molecular dimensions. 
Thus, the size and shape of the adsorbed molecule may be expected to become 
influencing factors. 

The fit of the ‘experimental’ and theoretical isotherm, as might be expected, 
is slightly better in the case of Fig. 9 than Fig. 8, although the actual distribu- 
tion and mean radius obtained are not significantly different. It is apparent 
that with- the relatively large contributions of capillary condensation found 
with porous glass it is the pressure and shape of the hysteresis region of the 
isotherm rather than the contribution of reversible sorption which are most 
significant in determining the fit of the ‘experimental’ and theoretical iso- 
therms. 

There are several differences between the theory introduced above and that 
described by Shull (14). Shull has only considered the cylindrical pore model 
whereas a better correlation between theoretical and experimental isotherms 
has been found with the ‘ink bottle’ model for the porous glass system. The 
present approach can, however, be used in cases where the cylindrical pore 
model might be desirable. Furthermore, it has been found convenient in this 
work to evaluate a normalized isotherm (V/V,) rather than the inverted iso- 
therm (V,—V) used by Shull. The normalized isotherm not only allows the 
cancellation of arbitrary constants from the theoretical relations but also 
simplifies the necessary curve fitting. Shull has also used his method to deter- 
mine pore sizes from isotherms where hysteresis does not occur. The theoretical 
curves evaluated either by Shull or in this work may well represent some part 
of any experimental isotherm—as a matter of fact, they may in their strictly 
mathematical form be used for the evaluation of any physical phenomenon 
showing such functional correlation. But, in the interpretation of such results, 
it must not be forgotten that any parameters, dependent or independent, 
appearing in the equations are now mathematical symbols only and therefore 
have no relation to the physical functions with which they were associated 
in the original theory. Thus, the evaluation of a mean or average pore size for 
a system that does not show hysteresis is inadvisable. 

In the theoretical section, only the families of curves corresponding to 
B= land 8 = 2 have been plotted for the Gaussian distribution. Since there is 
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no limitation on the possible values of 8, there is an infinite number of such 
families that can be drawn. Presumably an experimental isotherm which will 
not fit one of the theoretical isotherms which have been plotted in the theoreti- 
cal section may fit a member of a family of isotherms for a different value of 
8. It must be pointed out here, however, that Maxwellian distributions have 
the disadvantage of not by themselves allowing a decision regarding pore shape. 
For example, if the volume adsorbed can be represented by the integral of an 
expression R‘e-*°**dR, one cannot interpret whether this expression is either (a) 
K,LR? X R*e-**"*dR or (b) K2R* XK R e-*’* dR. The former case (a) would 
indicate a cylindrical pore volume whereas (5) would correspond to the ‘ink 
bottle’ pore. To distinguish between these two possibilities it is necessary to 
use further criteria such as the visual test described above. 

In order to obtain the total pore radius, it is necessary to find the thickness 
of the adsorbed layer which must be added to the capillary condensation 
radius. This may be calculated from equation [9] which is the applicable 
relation for the previously established pore model and distribution. If, for the 
nitrogen isotherm of Emmett, all the gas sorbed at the relative pressure where 
hysteresis becomes significant were equally distributed on the surfaces of the 
pores, the thickness of the resultant adsorbed layer could be evaluated from the 
ratio V,,/V, (Fig. 7). Using the previously obtained value of @ (i.e. 15 A)a 
value of 4.5 A is obtained for the layer thickness. That is, if the layer is equally 
distributed, the amount adsorbed at the partial pressure where hysteresis 
becomes significant is approximately the amount required to form a monolayer 
(i.e. 4 A) on all surfaces. The values of ¢ obtained for different sorbates together 
with the mean pore radius including the thickness of the adsorbed layer are 
listed in Table I. In the case of ammonia it is seen that ¢ is approximately equal 
to three molecular diameters. Barrer (2) has pointed out that the high affinity 
of the ammonia molecule for the sorbent causes considerable swelling and hence 
the mean capillary radius obtained from the ammonia isotherm does not appear 
excessively large. For butane the calculated layer thickness is less than one 
molecular diameter and therefore the surface cannot be completely covered at 
the pressure where hysteresis occurs. Since condensation begins only after 
monolayer formation it has been assumed that the distribution of butane is not 
equal on all surfaces, and that the thickness of the adsorbed layer is equal to 
one molecular diameter at the pressure at which a pore fills by condensation. 
All above radii are seen to have values considerably less than the Kelvin values 
of 30-40 A given by Emmett (6), which do not yet include the thickness of the 
adsorbed layer. This difference was to be expected, however, since it was 
realized at the outset that the Kelvin radius calculated from the relative 
pressure at the inflection point on the isotherm corresponded to the radius of 
the pore which has the most probable volume. That is, the Kelvin radius is the 
radius such that 

d(dV/dR)/dr = 0. 


If, therefore, the volume distribution function is known, the Kelvin radius may 
be calculated directly. For the model found applicable to the porous glass 





Feat es 


RAEI Wat be 5h RN athe fades 


ses RES 














oO * Ln | ao ™“™ ~ Vv \v \yv 4 


oS 


PST AABRALIE Mitt SB RIO 


THe 


Pee Seiad Me key Gans 


VOIGT AND TOMLINSON: ADSORPTION ISOTHERMS 229 


system, the Kelvin radius is such that 


af roel -B0-o'}]=« 


whence the Kelvin radius = 1.82 a when 8 = 1. 

Barrer (2) and Cohan (6) arrived at values similar to those obtained in this 
work by using the desorption branch of the isotherm. Barrer has corrected for 
the thickness of the adsorbed layer by the addition of two molecular diameters 
of the adsorbate. The highly polar molecules, however, give inconsistent 
values. Since these radii are calculated from the partial pressure corresponding 
to the point of inflection on the isotherm they must correspond to weighted 
values in the same sense as the Kelvin radii discussed above. The weighted 
radius obtained from the desorption isotherm happens to almost correspond to 
the mean radius obtained from the adsorption isotherm after allowance is 
made for the distribution in pore size. However, the pore model corresponding 
to the desorption isotherm has not been found applicable so that the apparent 
similarity seems largely fortuitous. 

The model which most closely resembled the actual system was the ‘ink 
bottle’ model. This conclusion appears in direct opposition to that arrived at 
by Amberg and McIntosh (1), who decided that the cylindrical pore model 
was applicable to this same system. This difference is partly one of definition 
in so far as they have shown the pores to have a length to diameter ratio of 
about two, which these authors would consider ‘ink bottle’ rather than cylin- 
drical type pores. Although this seems to be only a minor point of disagreement 
the relative forms of the expected adsorption and desorption isotherms are 
quite different for the two systems. The test described above which compares 
the relative shapes of the adsorption and desorption isotherms of the two 
models seems to eliminate the Cohan mechanism and is also qualitatively in 
agreement with the ‘ink bottle’ mechanism. The excellent correspondence 
between the theoretical cubic type isotherms and experimental adsorption 
isotherms over the complete applicable pressure range strongly indicates a 
basic equivalence between the ‘ink bottle’ model and the porous glass system. 

When the smaller pore radii evaluated from the above methods are accepted, 
it is apparent that for a given pore volume a greater pore surface area should 
be expected. This may be calculated from V,,, the quantity of sorbate required 
to complete a surface monolayer. The value of V, may be obtained from 
equation [11], which is the appropriate equation for the pore model established 
for the porous glass. Numerically, these values of V,, are greater than those 
obtained from the B.E.T. isotherm with the exception of ammonia (see Table II). 
In order to reconcile the differences, it is necessary to re-examine the postulates 
leading to the different V,,’s. The V,, evaluated in this work corresponds to 
one of the several definite models used, rather than the V,, of the real system. 

In order to evaluate the mean pore radius of the distribution it was necessary 
to assume the appropriate form of the Kistler equation [1]. In porous glass, 
where the pores have been formed in a solid non-crystalline mass by a preferen- 
tial leaching process, it would appear that after the smoothing out of surfaces 
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by adsorption, condensation would occur on nearly spherical surfaces. This, as 
pointed out in the introduction, leads to the Kelvin relation. For capillary 
condensation causing hysteresis in the ‘ink bottle’ model this factor appears to 
be a maximum. Whereas altering this factor may change our conclusions with 
respect to the mean radius, it does not affect the conclusions with respect to the 
pore model and distribution. Any smaller value of the constant of the applic- 
able form of the Kistler equation [1] would lead to a smaller mean pore radius 
and larger values of V,, and surface area. 

For the V,, of the B.E.T. theory to be valid, it is necessary that the surface 
of the porous glass be homogeneous. Barrer (2) has already shown that the 
heats of sorption on the porous glass do not confirm this assumption and 
furthermore, the B.E.T. isotherm only fits the experimental data for the porous 
glass at low relative pressures. Kistler (8) has presented further arguments 
against the acceptance of the B.E.T. Vm. 


TABLE II 


COMPARISON OF CALCULATED V»,'S AND SURFACE AREAS WITH THOSE OBTAINED BY B.E.T. 
METHOD FOR POROUS GLASS 








* Total surface B.E.T. B.E.T. 
as determined area of system as Vu surface area 
Substance from equation (13] calculated from (ce. at S.T.P. (m.? gm. 
adsorbed ce. at STP. Va per gram material) 
per gram (m.? gm.~? material) 
material) material) 





Argon (at 90°K.) 
(Ref. 6) 


37.5 157 26.5 111.5 

Nitrogen 

(Ref. 6) 34.1 143 29.0 121 
Butane 

(Ref. 6) 24.6 212 8.6 74.5 
Oxygen (at 79°K.) 

(Ref. 2) 46.7 178 36.5 139 
Ammonia ‘ 

(Ref. 2) 40.6 138 59.9 204 





In view of these factors the surface areas shown in Table II which are 
calculated from the V,, obtained in this work by means of equation [14] are 
considered more representative of the porous glass than those obtained using 
the B.E.T. V,,. The variations in the surface areas obtained for the different 
gases may well result from variations in the pore structure of the sorbent which 
were neglected in the present theory. This approach, then, appears to be 
generally applicable to other porous systems except where appreciable amounts 
of reversible capillary condensations might occur (type c physical adsorption 
defined above). Even with fibrous networks or compacted solids, however, one 
would expect hysteresis to result from the filling of nearly spherical type pores. 
In such systems the ‘pore radius’ would require a different interpretation with 
respect to the pore structure. Furthermore, the reversibly sorbed material 
would not be equally distributed on all surfaces and the evaluation of the 
surface area by the method described above would lead to inaccurate results. 





a 
P| 














VOIGT AND TOMLINSON: ADSORPTION ISOTHERMS 231 
ACKNOWLEDGMENTS : 
The authors are indebted to Dr. J. D. Bankier for helpful discussion and to 


the National Research Council 6f Canada for the financial assistance which 
made this investigation possible. 


OCONIornf. WH 


REFERENCES 


. AMBERG, C. H. and McIntosH, R. Can. J. Chem. 30: 1012. 1952. 
. BaRRER, R. M. and Barri, J. A. Proc. Roy. Soc. (London), A, 213: 250. 1952. 
. BRUNAUER, S., DEMING, L. S., DEMING, W. E., and TELLER, E. J. Am. Chem. Soc. 62: 


1723. 1940. 


. BRUNAUER, S., Emmett, P. H., and TELLER, E. J. Am. Chem. Soc. 60: 309. 1938. 
. Conan, L.H. J. Am. Chem. Soc. 60: 433. 1938. 

. Emmett, P. H. and DEWrtt, T. W. J. Am. Chem. Soc. 65: 1253. 1943. 

. Foster, A. G. Trans. Faraday Soc. 28: 645. 1932. 

. KisTLer, S. S., FiscHer, E. A., and FREEMAN, I. R. J. Am. Chem. Soc. 65: 1909. 1943. 
. KRAEMER, E. O. In A treatise on physical chemistry. Edited by H. S. Taylor. D. Van 


Nostrand Company, New York. 1931. Chap. 20. p. 1661. 


. KuBELKA, P. and MULLER, M. Kolloid-Z. 58: 189. 1932. 
. McBarn, J. W. J. Am. Chem. Soc. 57: 699. 1935. 


Rao, K.S. J. Phys. Chem. 45: 506: 1941. 


. ScHucHowITSKI, A.A. Kolloid-Z. 66:139. 1934. 
. SHULL, C.G. J. Am. Chem. Soc. 70: 1405. 1948. 
. WHEELER, A. Presentations at catalysis symposia, Gibson Island. Am. Assoc. Advance. 


Sci. Conf. June, 1945 and June, 1946 


. ZsicMonpy, R. Z. anorg. u. allgem. Chem. 71: 356. 1911. 





SURFACE ENERGIES OF THE ALKALI HALIDES! 


By G. C. BENSON AND G. W. BENSON? 


ABSTRACT 


Previous theoretical calculations and experimental measurements of the 
surface energies or enthalpies of the alkali halides are reviewed briefly. A new 
attempt to determine the surface enthalpy associated with the {100} face of 
sodium chloride from a calorimetric study of the effect of particle size on the heat 
of solution is described. The result (305 ergs/cm.? at 25°C.) appears to be larger 
than might be predicted on the basis of the classical Born-Mayer theory. 


1. INTRODUCTION 


The surface energies of ionic crystals have been considered theoretically a 
number of times during the past thirty years but very little work has been 
done on their experimental determination. A satisfactory comparison of 
experimental data with various theoretical models has not yet been achieved. 
Such a comparison is highly desirable since it would yield information con- 
cerning the force fields and distortion of the lattice near the surface of the 
crystal. Furthermore, at moderate pressures the surface energy differs only 
negligibly from the surface enthalpy and Jura and Garland (6) have shown 
that, in simple cases, a knowledge of this quantity at one temperature, together 
with the contribution of the surface to the specific heat of the crystal as a 
function of temperature, makes possible a calculation of all the surface thermo- 
dynamic properties. 

In our laboratory a study of the surface energies of the alkali halides is in 
progress and the present paper is a report on the current status of this project. 
A brief review of some theoretical aspects of the problem is given in Section II. 
This is followed by a summary of the attempts of previous authors to deter- 
mine the surface energies of the alkali halides calorimetrically. A description 
of our experimental work is given in Section IV and the preliminary results 
for sodium chloride are discussed in the last section. 

il. SURFACE THERMODYNAMIC QUANTITIES AND THEORETICAL CALCULA- 
TIONS OF THE SURFACE ENERGIES OF THE ALKALI HALIDES 

The variables, entropy, volume, and composition, are no longer sufficient 
to specify the thermodynamic state of a solid body having a significant extent 
of surface, and introduction of other variables becomes necessary. In the 
simplest case one new variable, the area A, is required and a term ydA is 
added to the usual expression for the differential of the energy of the system. 
In terms of more convenient variables, differential surface properties may be 
defined as derivatives with respect to A at constant temperature 7, pressure 
p, and composition n. On this basis y is identical with the surface Gibbs free 
energy (0G/0A)r.p,n- 


1Manuscript recewed Se er 16, 1964. 

Contribuiton from the Division of Pure Chemistry, National Research Council, Ottawa, Canada. 
This a eee at the Symposium on Problems Relating to the Adsorption of Gases by 
Solids, held at Kingston, Ontario, September 10-11, 1954. Issued as N.R.C. No. $487. 

2 National Research Council of Canada Postdoctorate Fellow 1952-54. Present address: Diviston 
of Mechanical Engineering, National Research Council, Ottawa, Canada. 
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Experimentally, surface properties are generally determined by comparing 
measurements on systems having different specific areas. The quantities 
obtained are really integral surface properties but when stated per unit area 
are identified with the differential properties. This involves the added assump- 
tion that y is independent of A. 

Theoretical calculations of the surface energy are usually based on atomistic 
models at zero pressure and temperature. In this case the surface energy, 
enthalpy, and various free energies become identical and are separately equal 
to the increase in potential energy of interaction between the ions when a new 
surface is formed by division of an infinite crystal as illustrated in Fig. 1. 
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Fic. 1. Formation of two new surfaces by division of a holocrystal into two hemicrystals. 


Thus the surface energy per unit area is given by 
[1] E,= (2 Unem — Unoto)/2A 


where Uno and Unem are the total energies of interaction for the initial 
crystal and for one of the hemicrystals respectively. A is the area of one of 
the newly created surfaces. 

In classical calculations these erergies are evaluated by adding up inter- 
actions between pairs of ions, assuming that these interactions can be represent- 
ed as a sum of coulombic, dipole-dipole, dipole-quadrupole, and repulsive 
terms. Various types of distortion in the region of the surface such as changes 
in lattice spacing and polarization of the ions have been considered, and it is 
generally concluded that significant distortion is limited to one or two layers 
at the surface and makes a contribution of 10 to 20% to the surface energy. 

The dependence of the calculated surface energies on the various types of 
interactions and distortion assumed in the model is shown in the cycle of values 
given in Table I. It will be noted that the recent calculation of Shuttleworth 
gives almost the same value as that of Born and Stern, though a number of 
refinements have been made in the model. One feature which appears in 
Shuttleworth’s calculations is the relative importance of the van der Waals’ 
attractive terms. Although these forces contribute only a few per cent to the 
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cohesive energy of the crystal, their contribution to the surface energy is 50% 
of the net value. 


TABLE I 
THEORETICAL VALUES OF THE SURFACE ENERGY OF A {100} FACE OF SODIUM CHLORIDE 











E,, 
Author Description of model erg/cm.? Ref. 
Born and Stern 1919 Coulombic and inverse 10th power repulsive 
forces 150 1 
Lennard-Jones and Coulombic and inverse 9th (Na—Na), 10th 
Taylor 1925 (Na—Cl), and 11th (CI—Cl) power 
repulsive forces 96 7 
Dent 1929 Same as L.-J. and T. but included polariza- 
tion and a 5% contraction at the surface 77 3 
Shuttleworth 1949 Coulombic, attractive van der Waals’ and 
exponential repulsive forces; also included 
a correction for surface distortion 155 11 





Recently a quantum mechanical calculation of the surface energy of LiF 
has been described by van der Hoff and Benson (5). In this an attempt is 
made to consider the electronic density distributions of the ions in more detail 
and to avoid the introduction of semiempirical force laws. The value of the 
cohesive energy of the crystal calculated by this model is in good agreement 
with that calculated in a classical fashion, but the surface energy is about 
two to three times larger than the classical value. 


III. PREVIOUS EXPERIMENTAL MEASUREMENTS OF THE SURFACE ENERGIES 
OF THE ALKALI HALIDES 

Sutherland (12) has given an excellent review of previous attempts to 
determine the surface energy, enthalpy, or free energy of a solid. A method 
which seems very likely to yield useful results in this field is the determination 
of the surface enthalpy from the effect of particle size on the heat of solution. 
Lipsett, Johnson, and Maass (8) measured this effect for sodium chloride in 
water. Their original result was 400 ergs/cm.? at 25°C., but the salt in this 
experiment was exposed to water vapor for a period of time before the solution 
process. In a second paper (9) by the same authors, a new technique toavoid 
this exposure is described and a revised value of 386 ergs/cm.? reported. 
Boyd and Harkins (2) performed similar experiments and obtained a value 
of 395 ergs/cm.? The areas in both these sets of experiments were obtained 
from photomicrographs and are generally considered to be too small. Hence 
the values of the surface enthalpy are probably high. Wertz (13) working in 
Harkins’ laboratory used a gas adsorption technique for measuring the area 
of the salt and obtained a value of 130 ergs/cm.’ for the surface enthalpy. 
Unfortunately this work was discontinued after a single determintion and 
the value cannot be considered as well established. In all these measurements 
the surface area of the salt used was in the range 1—5 square meters per gram 
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and no attempt was made to establish that the heat effect per unit weight was 
proportional to the specific surface area. 


IV. EXPERIMENTAL DETERMINATION OF THE SURFACE ENTHALPY OF 
SODIUM CHLORIDE 

It is apparent from the brief survey of theoretical and experimental work 
given in the two preceding sections that further investigation of the calorimetric 
method of determining the surface enthalpy would be of value. With this 
purpose in view, we have constructed an adiabatic calorimeter suitable for 
measuring heats of solution at 25°C. 

The calorimeter vessel (190 cc. capacity) is constructed from a corrosion 
resistant stainless steel. It is hung by nylon loops inside an evacuated space 
surrounded by a water jacket. The temperature of the latter can be varied 
to maintain adiabatic conditions. The sample of salt sealed in a thin-walled 
glass bulb is held in a guillotine arrangement. Breaking the bulb and stirring 
the contents of the calorimeter is accomplished by an intermittent rotation 
of the whole assembly through 180°. Further details of the design and operation 
of the calorimeter will be given in another publication. 

Emersleben (4) has deplored the failure of most workers to give information 
regarding particle size when reporting heats of solution and has criticized 
Wiist and Lange (14) in connection with their results for sodium chloride. 
It thus seemed desirable to carry out some measurements on ‘‘coarse’’ salt. 
At the same time this served to establish the accuracy of the calorimetric 
procedure. 

The coarse salt was Merck reagent recrystallized three times from conduc- 
tivity water. It was given a final drying in the sample bulb under vacuum at 
300°C. for 12 hr. before being sealed off under a few millimeters pressure of 
helium. Attempts to measure the area of this salt by the usual B.E.T. nitrogen 
adsorption method at 78°K. indicated that the area was negligibly small 
(i.e. less than 0.1 square meter per gram, which corresponds to an average 
particle size exceeding 30u). Equilibrium conductivity water was used in all 
solution experiments and no attempt was made to remove dissolved gases. 
Measurements were made in the concentration range 0.05 to 1.4 molal. 
The results appear to be more consistent internally than those of previous 
workers and fall between the values reported by Wiist and Lange (14) and by 
Lipsett, Johnson, and Maass (8, 9). The reproducibility of the present results 
is estimated to be about 0.1% down to 0.2 molal. Below this concentration the 
errors increase and are of the order of 0.5% at the lowest concentration studied. 
The solid curve in Fig. 2 was plotted from a table of our smoothed data. 
The calorie used in stating these values is defined as 4.1840 absolute joules. 
A more detailed analysis of the coarse salt results will be given in the paper 
on the operation of the calorimeter. 

The fine salt was prepared in an apparatus similar to that described by Young 
and Morrison (15) but some changes were made in the method of heating the 
salt. Also contact between the salt and brass parts of the apparatus was elimi- 
nated. Some signs of non-stoichiometry have been observed for salt prepared 
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Fic. 2. The curve represents the AH for solution of coarse sodium chloride in water at 
25°C. plotted as a function of molality. The results obtained for fine salt are indicated by the 
gp labelled with the areas in square meters per gram. The point marked with a cross is 
or unsintered salt; all other points are for sintered samples. 


by this method. Samples collected at high precipitator voltages sometimes 
have a slight blue color and give alkaline solutions when dissolved in water. 
This blue color probably indicates the presence of colloidal sodium produced by 
electrolysis or bombardment in the electrostatic precipitator. A careful check 
was kept on the pH of solutions of the fine salt and none of the material used 
in the present work showed this effect. 

Care was taken to minimize any exposure of the fine material to water 
vapor. B.E.T. areas were measured on the actual samples to be dissolved in 
the calorimeter. The original preparation yielded material with a surface 
area of about 48 square meters per gram. It was found that controlled sintering 
offered a convenient method of producing samples with lower specific surfaces. 
Thus samples of fine salt were heated under vacuum for 14 hr. at temperatures 
from 70 to 200°C. before the area was measured. Below 100°C. the sintering 
was negligible, while at 200°C. nearly the whole area could be destroyed in 
the 14-hr. period. 

Heats of solution measured with the fine salt are indicated by the points in 
Fig. 2 labelled with the specific areas of the samples. The point marked with a 
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cross was obtained with the original unsintered material; all other samples 
were sintered. The fact that one area is higher than the unsintered material 
is due to a slight non-uniformity of the original preparation. 


V. DISCUSSION OF THE RESULTS 


Excluding the smallest area sample, the points for fine salt fall below the 
curve for coarse salt, indicating a positive particle size effect. A plot of the 
deviation (AH), against surface area, given in Fig. 3, shows a definite linear 
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Fic. 3. Plot of the variation of the AH for solution of sodium chloride in water at 25°C, 
as a function of the surface area of the sample. The point marked with a cross is for unsintered 
salt; all other points are for sintered samples. The length and breadth of the rectangles corres- 
pond to +1 square meter per gram and +2 ol juke respectively. 


trend but does not go through the origin. The slope of the least square line 
corresponds to a surface enthalpy H, = 305 ergs/cm.? at 25°C. Electron 
micrographs of the salt prepared by Young and Morrison show that the 
crystals are predominantly cubic; hence the above value of H, should be 
associated with the {100} face of sodium chloride. 

It is difficult at present to place limits on the accuracy of this result. The 
B.E.T. method applied to materials like sodium chloride is generally considered 
to give the surface area to about 5 to 10% though the reproducibility of the 
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measurement is much better than this. The accuracy of the individual calori- 
metric determinations of (AH), is of the order of 2 or 3 cal./mole but variations 
from sample to sample are higher than this. The most disturbing feature is the 
negative value of (AH), obtained for the smallest area sample. This is further 
confirmed by the negative intercept of the least square line. Unfortunately 
the measurements were made in the order of decreasing area and the sign and 
magnitude of the intercept was not apparent for sime time. Since then spot 
tests done on the fine salt have indicated the presence of nitrate and nitrite 
impurities. Presumably these were formed in the Cottrell precipitator. Since 
all the data reported came from one preparation of fine salt, it is quite possible 
that a reasonable correction could be made by moving the line with fixed 
slope until it passes through the origin. This assumes the impurities are fairly 
homogeneously distributed in the original preparation. In this case the surface 
enthalpy is unchanged but it is for impure sodium chloride. The influence of 
these impurities on the surface enthalpy will depend to a large extent on their 
nature and on whether they are preferentially concentrated in the surface 
region. 

The electron micrographs mentioned above also showed a broad distribution 
of particle size. Extremely small crystals may be expected to show deviations 
arising from the effects of edges and corners. Even for larger crystals surface 
structure such as steps and kinks may lead to irregularities in the apparent 
surface energy. In addition there is the further possibility of effects arising 
from strain energy in the small crystals. The present results with sintered 
samples indicate that if these effects are present and make significant contri- 
butions to the heat of solution they are proportional to the extent of surface 
and for practical purposes could be lumped with the ideal surface contribution. 
However, comparison of the result with a theoretical model requires a more 
detailed knowledge of these various factors. 

Until the uncertainties outlined in the preceding two paragraphs are investi- 
gated further, the value 305 ergs/cm.? must be considered as provisional. 
Nevertheless, a comparison of this value with the theoretical and previous 
experimental results summarized in Sections II and III is of interest. Our 
value is roughly 85 ergs/cm.? lower than the values reported by Lipsett, 
Johnson, and Maass and by Boyd and Harkins. This isin line with the criticism 
of their area determination. Wertz’s result is considerably lower but is based 
on an isolated measurement. The value of H, at 0°K. is related to that at 
298°K. by the equation 

298 
[2] H,(0°) = H,(298°) — q CdT 
where C, is the surface contribution to the heat capacity. Patterson and 
Morrison (10) are studying this last term in detail but their results are incom- 
plete as yet. At present all that can be deduced from [2] is that H,(0°) should 
be smaller than 305 ergs/cm.? It seems rather doubtful that the temperature 
correction will reduce this to the classically calculated value of 155 ergs/cm.? 


An equivalent way of stating the present result is 
(3) (AH), = 11.8/1 cal./mole 











RM SRA air at MANS can 


RWB BAA i SO 


1OE Ra RS es 


“] 
* 
‘Ss 





Ceeetedk 





SM SENT aoe Nas 


Sr A oe OF ee 


YR) BRS aS 


ae ee 


Re See Hit 


BENSON AND BENSON: SURFACE ENERGIES 239 


where / is the length in microns of the edge of an average sized cubic particle. 
Emersleben (4) has given a theoretical value of 13.0 for the numerical coeffi- 
cient. Although the derivation is* based on a model assuming an ideal lattice 
and only coulombic forces, the expression does provide a useful approximation 
in the present case. 
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A LOW TEMPERATURE PARTICLE SIZE EFFECT ON THE HEAT 
CAPACITY OF SODIUM CHLORIDE! 


By D. Patrerson,? J. A. Morrison, AND F. W. THOMPSON? 


ABSTRACT 


An effect of particle size upon the heat capacity of sodium chloride has been 
found in the temperature range 9° to 21°K. The experiments were done with three 
NaCl samples of specific surfaces between 38 and 59 sq. meters per gm. The 
observed effect has the temperature dependence predicted by theory but its 
magnitude is three to four times larger than expected. It is unlikely that adsorbed 
gases have made any significant contribution in the experiments. The accuracy 
with which the specific heat and surface area differences have been determined is 
not high enough to show definitely whether or not the surface specific heat is 
an extensive property of the surface. 


INTRODUCTION 


The existence of an effect of particle size on the thermodynamic properties 
of a solid is evident from the Einstein model which considers the solid as an 
assembly of oscillators identified with the atoms. Atoms on the free surface 
are less strongly bound than those in the interior so that their frequency is 
lowered, producing a change in thermodynamic properties which is propor- 
tional to the surface area. With the Debye or Born - von Karman models, 
however, the oscillators are identified with the normal modes of vibration 
of the whole solid. The effect of free boundaries is then not localized in the 
frequencies of oscillators associated with the surface but is spread throughout 
the frequency spectrum. Nevertheless, it may be shown that in particular 
cases the effect of finite particle size reduces to a contribution to the thermo- 
dynamic quantities which is extensive in the surface area, plus other contri- 
butions (e.g. edge contribution) which can ordinarily be neglected. 

Brager and Schuchowitsky (2, 3), Montroll (8), and Stratton (11) give the 
following relation (low temperature form) for the heat capacity of small 
particles of rectangular cross-section and with perfect faces, 


C, = 464.5 (T/6p)*+B(T/6p)?+ . . .'cal./gm. atom deg. {1] 


where 8p is the Debye characteristic temperature and B is a constant pro- 
portional to the specific surface area. According to [1] the surface contribution 
becomes more important at low temperatures since it is decreasing as JT? 
while the volume contribution does so as 7*. If the density of modes in the 
frequency spectrum is too low, equation [1] breaks down and the specific 
heat is no longer an extensive property of the surface. This may occur if the 
particles are too small or if the temperature is too low, i.e. if (hvo/2kT) > 
(2N/x) (vo is the maximum frequency of the solid lattice and N? is the number 
of atoms in the particle). 

1Manuscript received September 16, 1954. 

Contribution a the Division of Pure Chemistry, National Research Laboratories, Ottawa. 


Tssued as N.R.C. No. 8478. This aytey presented at the Symposium on Problems Relating 
to the Adsorption of Gases by Solids, at Kingston, Ontario, September 10-11, 1954. 


2National Research Laboratories Postdoctorate Research Fellow. 
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Specific heat measurements on several samples of TiO, between 12° and 
270°K. showed an effect of particle size above 50°K. (4) which could be ex- 
plained to an order of magnitude as an effect on the optical modes of vibration 
of TiO: (10). However, the low temperature increase predicted by equation 
[1], which has to do with the acoustical modes, was not found. Since there were 
no grounds for doubting the theory, it was decided that the low temperature 
effect must have been masked by other effects. Therefore, it seemed worth- 
while to try further experiments using the simpler solid, NaCl, about which 
more is known theoretically, and also to carry the experiments to as low a 
temperature as possible. With the NaCl, an increase of the specific heat with 
decreasing particle size has now been found at low temperatures. The tempera- 
ture dependence of the effect is that required by theory but the magnitude is 
three to four times greater than anticipated. 

Apart from the intrinsic interest in the effect itself, two other considerations 
exist. Recently there has been some discussion (1, 5, 6, 7) as to whether or 
not thermodynamic properties associated with solid surfaces are extensive 
properties of the surface in a real case, as has been predicted by [1]. An answer 
to this should be found in experiments such as the present ones, but unfor- 
tunately the accuracy achieved so far is not high enough to permit definite 
conclusions to be drawn. A further interest lies in the possibility of obtaining 
information about surface structure from measurements of particle size effects, 


but for this purpose the experiments must extend over a wide temperature 
range. 


EXPERIMENTAL 
Materials 


The small particles of NaCl (mean specific surfaces between 38 and 59 sq. 
meters per gm.) were prepared by the method described by Young and 
Morrison (12) and by a recent modification of this method. The methods 
involve volatilizing NaCl in a platinum crucible and sweeping the crystals 
formed from the vapor into an electrostatic precipitator with a stream of dry 
nitrogen. The samples were handled in an inert gas atmosphere in either a 
dry box or a desiccator. Each sample was about 30 gm. 

The specific surfaces of the samples were determined by nitrogen adsorption 
at liquid nitrogen temperatures. Determinations on the whole calorimetric 
samples and on aliquots (0.5 to 2 gm.) agreed to 10% or better. 


Calorimetric Measurements 


The details of the calorimetric method are given fully in a preceding paper 
(9) so that here it is only necessary to discuss special effects associated with 
the experiments on the small particles. 

In the experiments with bulk NaCl (9) it was found that thermal equilibrium 
within the calorimeter vessel could be readily attained over the temperature 
range 2.5° to 20°K. with 10-* moles of helium in the vessel. Further, this 
amount of helium did not make a significant contribution to the specific heat 
of the system. On the other hand, with the small particles of NaCl in the 
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calorimeter vessel, 10-* moles of helium did not allow thermal equilibrium 
to be established in a reasonable time below about 9°K. Apparently the 
helium was being adsorbed on the large surface presented by the small par- 
ticles. One set of experiments was done with 10~ moles of helium in the calori- 
meter vessel but here also equilibrium times became much too long below 9°K. 
The heat capacity of this additional helium was very much less than it would 
have been if the helium had been present as a gas. This suggests that the 
helium was being strongly adsorbed in a localized array on the surface. 

In principle, specific heat measurements such as these can be pursued to 
temperatures below 9°K. simply by increasing the amount of helium until 
some is left in the gas phase at the lowest temperature desired. Practically, 
however, correcting for the effect of helium on the specific heat would prove 
difficult. The additional results which might be obtained would hardly justify 
the labor involved in determining the heat capacity of the adsorbed helium, 
the heat of adsorption, etc., over a range of temperature and of concentration. 


RESULTS AND DISCUSSION 


Since the heat capacity of NaCl changes by about a factor of 20 in the range 
9° to 20°K., the small observed dependence of the heat capacity upon par- 
ticle size cannot be shown conveniently in a graph of the primary data. 
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Rather, recourse is had to a plot of the ‘apparent’ Debye characteristic tem- 
perature corresponding to each measured specific heat versus the absolute 
temperature. All of the results shown in this form in Fig. 1 were obtained 
with about 10-* moles of helium in the calorimeter vessel. The significant 
point is that each of the three samples of small particles of NaCl has a larger 
specific heat (lower @p) than that of the bulk over the temperature range 9° 
to 21°K. As will now be shown, the temperature dependence of the specific 
heat is of the expected form. 

The theoretical predictions are based on the Debye model, although it is 
recognized that it does not hold exactly for bulk NaCl, i.e. @p is a function of 
temperature. The consequences of the model are given by equation [1]. The 
two full curves of Fig. 1 have been calculated using the equation with the 
constant B fitted from the experimental points for samples 1 and 3 at 15°K. 
There is a certain arbitrariness involved in this fitting but it seemed most 
reasonable to select fixed points abut the middle of the temperature region. 
Although there appears to be a small systematic deviation at the higher 
temperatures for sample 3 and at the lower temperatures for sample 1, the 
curves reproduce the experimental results quite well. The deviation at the lower 
temperatures is probably due to the difficulty of attaining thermal equilibrium. 

The actual values of B for samples 1 and 3 deduced from the experiments 
are 1.28 and 2.60 cal./mole deg. respectively whereas Montroll’s theory (8) 
gives 0.42 and 0.64. The magnitude of the particle size effect is, therefore, 
three to four times larger than predicted. While no quantitative explanation 
for this difference can be offered as yet, the observed values might be increased 
by several things, e.g. by the presence of adsorbed gases or by surface rough- 
ness and non-stoichiometry. The effect of adsorbed gases must, however, be 
insignificant in these experiments. The excess of the specific heat of sample 
1 over that of bulk NaCl is approximately 0.0055 cal./deg. at 20°K. Were 
this amount to be contributed by adsorbed atoms or molecules behaving as 
fully excited oscillators, nearly 10% of the surface would need to be covered. 
Such a surface concentration would seem unlikely because the weakly bound 
oscillators would readily desorb at room temperature. Any gases not removed 
by pumping at this temperature would be held to the surface so tightly as to 
have high frequencies of oscillation, at least of the order of 10" sec.—'. Oscil- 
lators of frequency higher than about 10” sec.-'! would make no significant 
specific heat contribution below 20°K. 

Surface roughness and non-stoichiometry may well explain the difference 
in results between samples 1 and 3 and sample 2. The former two were made in 
the same apparatus, the only difference in their preparations being the tem- 
perature of volatilization of the NaCl. Sample 2 was prepared in another 
apparatus with a somewhat higher potential in the electrostatic precipitator, 
and it shows a particle size effect which is much too large compared with that 
for samples 1 and 3. Sample 2 must have contained an excess of sodium as the 
PH of its solution in water was about 9 compared with pH’s of 6 to 6.5 for the 
solutions of the other two samples. Since the specific heat for this sample has 
the same temperature dependence as that for the other two, one might specu- 
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late that the excess sodium was in the surface. However, no attempt has been 
made yet to deduce quantitatively the effect of such a surface excess. 

The ratio of the B’s for samples 1 and 3 is 2.03, while the ratio of their 
surface areas is 1.55. The difference, approximately 25%, is just within the 
probable combined experimental error in determining the differences in 
specific heat and in surface area. The experiments, therefore, do not allow a 
definite decision as to whether or not the surface specific heat is an extensive 
property of the surface. 
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REVERSIBILITY IN PHYSICAL ADSORPTION! 


By E. L. Pace, K. S. DEeNNis, S. A. GREENE, AND E. L. HERIC 


ABSTRACT 


The question of reversibility and equilibrium is considered in relation to the 
physical adsorption of gases on finely divided solid surfaces. Conclusions are 
drawn from calorimetric measurements of (1) adsorption isotherms, (2) integral, 
differential, and isosteric heats of adsorption, and (3) heat capacity of the 
adsorbed phase for surface coverages of the order of a monolayer or less. In line 
with the preceding, results are presented and discussed for calorimetric studies 
involving (1) heats of adsorption and heat capacities of methane adsorbed on 
rutile between 80 and 140°K., (2) heats of adsorption of argon on rutile between 
60 and 90°K., and (3) the zero point entropy of krypton adsorbed on rutile at a 
coverage of about 0.57 of the monolayer capacity. 


INTRODUCTION 


The following paper will be directed towards the question of reversibility 
and equilibrium as related to the physical adsorption of gases on finely divided 
solid surfaces. Surface coverages under consideration will, in general, be of the 
order of.a monolayer or less. The conclusions will be drawn from calorimetric 
measurements of (1) adsorption isotherms, (2) integral, differential, and 
isosteric heats of adsorption, and (3) heat capacity of the adsorbed phase. 

Some methods used in establishing the reversibility of the adsorption process 
are essentially empirical in character. Those deserving mention here are 
(1) the reproducibility of the adsorption isotherm and its invariance with time 
and (2) comparison of the heat of adsorption with the heat of desorption at the 
same surface coverage and temperature. In the case of the adsorption isotherms, 
difficulties arise because of the slowness of the equilibrium process and the 
necessary measurement of very low pressures with precision. These difficulties 
have been emphasized in the recent work of Young ef a/. (10) with m-heptane 
on various solid surfaces and Crowell and Young (1) with the argon-graphite 
system. If heats of adsorption and desorption agree within the experimental 
error, this agreement is an indication that the adsorption and desorption paths 
are the same. The method, however, is not generally feasible at low equilibrium 
pressures because of the slow rate of the desorption process of the adsorbate. 
This second method has been used under suitable conditions by Pace et al. (8) 
in a study of the methane-rutile system and by Morrison and co-workers (5) 
in studies of argon adsorbed on rutile. 

Some methods of establishing reversibility are fundamentally thermo- 
dynamic in character. It is possible by these methods to derive the same 
thermodynamic quantity from independent measurements of adsorption 
isotherms, heats of adsorption, and heat capacity at several coverages and 
temperatures. 

‘Manuscript received September 16, 1954. 

Contribution from Morley Chemical Laboratory, Western Reserve University, Cleveland, Ohio. 
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From the adsorption isotherm, we can obtain the isosteric heat (q,,) from 


the expression 
(1] du: = RT*(d In P/dT)y, 


in which P is the equilibrium pressure of the adsorbate, NV, is the number of 
adsorbed moles, and T is the absolute temperature. The isosteric heat q,; is 
related to the molar heat content of the gas (Hg) and differential molar heat 
content (considering adsorbed gas as one component system) of the adsorbed 
gas (f7,) by the expression 

{2] Wet = He-A,. 


The experimental integral heat of adsorption (Qy,) is also related to gs 


since 
Ne 


[3] Qn, _ e gudN,. 


A differential heat of adsorption can be defined in terms of the integral heat 
as (dQy,/dN,)r. It can be evaluated either as the slope of the integral heat 
curve or by direct experimental measurement. If the increment of added gas is 
small enough, (AQy,/AN,)r is essentially the same as (dQy,/dN,.)r. It is also 
obvious that the differential heat of adsorption is identified thermodynamically 
with the isosteric heat. Kington and Aston (4) have pointed out that calori- 
metrically measured quantities can be interpreted without ambiguity in 
terms of the reversible thermodynamic properties of the system. 

The heat capacity of the adsorbed phase can be measured directly and also 
can be derived from the temperature coefficient of the various heats of adsorp- 


tion from the expressions 


[4] (dQuv./dT)n, _ N,(Crpe— Cy, ) 
and ; 
[5] (dg../dT)y, = Cre—Cy,. 


In the preceding expressions, Cpg is the molar heat capacity of the gas, Cy, is 
the molar heat capacity of the adsorbed gas, and Cy, is the differential molar 
heat capacity. 

Finally, the zero point entropy evaluated from heat capacity, heat of ad- 
sorption, and heat capacity measurements provides the most complete criterion 
for the reversibility of the adsorption process. The zero point entropy Sp is 
calculated from 


(6] Se= So(T, Po) ff" (Cy,/T) aT—Qu,(T)/T-R/N, J In P/PoiN, 


in which Sg(7,Po) is the molar entropy of the gas at temperature T and 
reference pressure Py) and P is the equilibrium pressure of the adsorbate. 
A value of zero for Sp would be a strong indication that the adsorption process 
was an equilibrium one. A non-zero value would have ramifications in terms 
of the configuration of the adsorbed phase, surface barriers, etc. Morrison and 
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co-workers (2, 5) have used this particular method very effectively in their 
study of the argon-rutile system. 

In line with the preceding observations we are presenting the results of 
some calorimetric studies on (1) heats of adsorption and heat capacities of 
methane adsorbed on rutile between 80 and 140°K., (2) heats of adsorption of 
argon on rutile between 60 and 90°K., and (3) the entropy of krypton adsorbed 
on rutile at a coverage of about 0.57 of the monolayer capacity. 


EXPERIMENTAL 


The methane-rutile system was studied with a low temperature adiabatic 
calorimeter, the general features of which have been previously described (9). 
The adsorbate was Research Grade methane of 99.5% minimum purity 
obtained from the Phillips Petroleum Company. It was purified further by a 
one-step fractional distillation. The rutile was obtained from the National Lead 
Company. The monolayer capacity was 0.0311 moles of methane by the B.E.T. 
method. 

The argon-rutile system was studied with a Nernst-Giauque type calori- 
meter. Some of the details concerning this calorimeter are to be found in the 
literature (7). The rutile sample, obtained from the National Lead Company, 
was from a different batch than for the preceding study. It was 94.3% titanium 
dioxide, the remainder being adsorbed or coordinately bound water. The 
monolayer capacity was 0.0541 moles of argon. 

The entropy of the krypton-rutile system was determined with an adiabatic 
calorimeter which was almost identical with the one used for the methane— 
rutile study. The krypton was obtained from Matheson Company. The 
analysis supplied with the gas indicated a total impurity of 0.08 mole per cent. 
The rutile sample was taken from the same batch as that used in the argon- 
rutile system. Its monolayer capacity was 0.0283 moles of krypton. 

The details involved in obtaining the calorimetric data on isotherms, heats 
of adsorption, and heat capacity, have been described adequately elsewhere 
(2, 5, 8, 9). 

DISCUSSION 


It has been pointed out that a certain internal consistency should exist 
between the heat capacity derived from the temperature coefficient of the 
integral heat of adsorption and the directly measured quantity if the adsorp- 
tion is reversible. The heat capacity of methane adsorbed on rutile was 
measured at coverages of 0.00887, 0.01763, 0.02641, and 0.03463 moles of 
methane corresponding to the fractions 0.28, 0.56, 0.84, and 1.11 of the mono- 
layer. Integral heats of adsorption were measured at 110, 120, 130, and 140°K. 
and the temperature coefficient used to evaluate values of cy (cv, = N.Cy,). 
The results are presented in Table I. The direct measurement of the heat 
capacity at some coverages was not extended to temperatures as high as those 
used for the integral heats. In these cases, the heat capacity curve was extra- 
polated for the purpose of comparing results. The heat capacities from the two 
sources agree well within the experimental error. Therefore, the adsorption 
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TABLE I 


HEAT CAPACITY OF METHANE ADSORBED ON RUTILE* 








cy, from direct 





Temperature cn, from (dQy,/dT)n, measurement 

Moles adsorbed (°K.) (cal. deg.—!) (cal. dez.—) 
0.00887 135 0.133 0.127 
0.01763 125 0.214 0.234 
0.01763 135 0.219 0.240 
0.02614 115 0.327 0.346T 
0.02614 125 0.324 0.350t 
0.02614 135 0.358 0.354f 
0.03463 115 0 471 0.477} 





*A sample (48.5 gm.) with monolayer capacity of 0.0311 moles. 
tExtrapolated from heat capacity curve. 


appears to be reversible for the methane-rutile system above 110°K. at all 
coverages. 

The results of a study of the differential heats of adsorption of argon 
adsorbed on a rutile surface for coverages to a maximum of the order of a 
monolayer are summarized in Fig. 1. The measurements were carried out at 
temperatures of 63.5, 69.5, 73.0, 78.5, and 86.5°K. A warm thermal drift was 
encountered at 69.5°K. at low coverages which made the evaluation of the 
differential heat very uncertain. Therefore, the data at this temperature are 
not shown. The data at 73, 78.5, and 86.5°K. were used with directly measured 
heat capacities to reduce the results to a single curve at 63.5°K. The differential 
heats measured experimentally at 63.5°K. did not fall on the preceding curve, 
even though, unlike the measurements at 69.5°K., no prolonged thermal drift 
was observed within the limits of the sensitivity of the calorimeter (0.001 
calorie per minute). The values which were obtained gave the two lower 
curves in Fig. 1. The path of adsorption in this case appears to depend on the 
size and the order of the increments of gas which are added. When the values 
of the differential heat at 63.5°K. are used with those at higher temperatures 
to determine an average value for the heat capacity of the adsorbed phase, the 
results are entirely unreasonable. Consequently, we conclude that the adsorp- 
tion has taken place reversibly for the argon-rutile system only at temperatures 
above 73°K. : 

The results of a zero point entropy determination for a system consisting of 
0.01627 moles (@ = 0.57) of krypton adsorbed on rutile with a monolayer 
capacity of 0.0283 moles are presented in Table I]. The value is 0.4+1.0 cal. 
deg.—' mole. 

The precision in the value of the zero point entropy would allow one to draw 
two conclusions without a clear decision as to which is correct. 

One conclusion is that the zero point entropy is zero at absolute zero for the 
adsorbed gas (assuming no surface perturbation) and hence, the adsorption 
process is reversible. This conclusion has been reached by Morrison and 
co-workers (2, 5) in their study of the argon-rutile system. The other conclu- 
sion is that the zero point entropy is a small, positive value. The appearance 
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Fic. 1. Differential heat of adsorption of the argon-rutile system. 


of such an entropy could arise from an appreciable number of molecules being 
present in a reasonably homogeneous but not completely filled group of sites 
at very low temperatures. The coverage which has been studied experimen- 
tally is a favorable one from this standpoint. At the lowest temperature of the 
heat capacity measurements, the group of sites at the peak of the distribution 
function, comprising about 10% of the total sites, is incompletely filled. 
Calculations of the type described by Hill (3) based on a unimolecular localized 
model show that this group of sites contributes a small configurational entropy 
(about 0.3 cal. deg.’ mole~') which is essentially temperature independent 











ssCnn DASE EROS RRTTRSUSTUSEE 


250 CANADIAN JOURNAL OF CHEMISTRY. VOL. 33 


TABLE II 


ZERO POINT ENTROPY OF KRYPTON ADSORBED ON RUTILE 
0.01627 moles adsorbed krypton; monolayer capacity 0.0283 moles; @ = 0.57 





St (Cosc/T) 4T 2.39 cal. deg.~! mole 
Si? (Cu,/T) 4T 14.47 

Qw,/126 28.07 

R/Nof(* In P/PodNs —3.34 

S@(126, Po) —Se 41.59 

Sq(126, Po) by Sackur-Tetrode equation 42.01 

So 0.4* 

So for homogeneous.surface 2.4 





*Estimated uncertainty +1.0 cal. deg.—! mole. 


between 10 and 125°K. The details concerning this calculation will be pre- 
sented in a forthcoming publication (6) and so will not be discussed further 
here. Consequently, a zero point entropy of the order of that observed would 
result with a continuous energy distribution provided that the energy barriers 
in the surface are not surmounted by the adsorbed molecules within the 
experimental time of approximately 15 min. required for a heat capacity 
measurement. A rough calculation shows that, for energy barriers in the 
surface of the order of several hundred calories at the lowest experimental 
temperature, the time of passage over the barriers is of the same order as the 
time of the experiment. Without the ‘freezing in” of the adsorbed molecules, 
the observed zero point entropy could be accounted for by the existence of the 
distribution of energy among the sites, such that 10% of the sites is contained 
in a peak of width smaller than RT at the lowest experimental temperature. 
This possibility must also be considered in view of the fact that the rutile 
consists of acicular crystals in which 100 and 110 planes predominate. 
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INTERACTION ENERGIES OF ORGANIC MOLECULES WITH 
RUTILE AND GRAPHON SURFACES FROM 
HEATS OF IMMERSION! 


By J. J. Cuessicx, A. C. ZeETTLEMOoyER, F. H. HEALEY, 
AND G. J. YOUNG 


ABSTRACT 


The heats of immersion of rutile in a series of short chain organic liquids are 
found experimentally to be an approximate linear function of the dipole moment 
of the wetting liquid. The significance of the relation is discussed in terms of the 
polar van der Waals force contribution which is primarily dependent on dipole 
moment. The average distance of approach of a dipole to the rutile surface and 
the effective surface force field extending from the rutile surface are calculated. 

The net adsorption energy, which is calculated directly from heat of immersion 
data, is related to the energy contributions resulting from the various polar and 
nonpolar van der Waals forces active in the adsorption process. These energy 
contributions which make up the total adsorption energy are calculated for the 
interaction of an alcohol and a hydrocarbon with both a heteropolar (rutile) and 
a homopolar (Graphon) surface. On the basis of the results obtained, the effects 
- — length and functionality of the liquids on the heat of immersion are 

iscussed. 


INTRODUCTION 


The heats of immersion of rutile and Graphon in a variety of organic liquids 
were reported in a previous paper (3). In particular the heats of immersion 
found with rutile for a series of n-butyl derivatives were shown to be a linear 
function of the dipole moments of the wetting liquid. From the slope of the 
line the average electrostatic field strength of the rutile surface at the position 
of the dipole was calculated. From this value, the distance from the rutile 
surface to the dipole center could be estimated. 

In the present paper the heat of immersion measurements are extended to 
include organic liquids with a wider range of dipole moment. From the esti- 
mated field strength the approximate contributions of the various van der 
Waals forces to the total interaction energy are calculated. In addition, the 
similarities in the heats of wetting of several heteropolar solids in a variety 
of liquids relative to their respective heats of wetting in water are considered. 


EXPERIMENTAL 
Apparatus 
The calorimeter, associated equipment, and general techniques were the 
same as those previously reported (3, 9). Special attention was given to the 
drying of the liquids and the interior of the calorimeter as well as to maintaining 
anhydrous conditions during the course of each run. 
Solids 


The titanium dioxide (rutile), du Pont Ti-pure R-300, Lot 5550, was acti- 


vated at 400°C. and 1 X 10-5 mm. pressure for two hours before the samples 
‘Manuscript received September 16, 1954. 
Contribution from Chemistry Department, Lehigh University, Bethlehem, Pa. This paper was 


presented at the Symposium on Problems Relating to the Adsorption of Gases by Solids, held at 
Kingston, Ontario, September 10-11, 1954. 
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were sealed off for heat of immersion determinations. The surface area as 
measured by the conventional B.E.T. method from nitrogen adsorption data 
was 7.3 square meters per gram. 

The Graphon, Lot No. L-2808, supplied by the Godfrey L. Cabot Company, 
had a surface area of 95 square meters per gram. The activation of the Graphon 
samples was carried out at 25° and 1 X 10-5 mm. pressure for 24 hr. More 
rigorous activation conditions for the Graphon did not influence the heat of 
immersion values appreciably (8). 

Liquids 

The properties and purification of most of the wetting liquids have been 
reported (3). The three new wetting liquids, n-butyl iodide (b.p. 129-131°), 
n-butyraldehyde (b.p. 73-75°), and 1-nitropropane (pract.) were stored and 
fractionally distilled over anhydrous magnesium sulphate before use. 


RESULTS AND DISCUSSION 


Heats of immersion of rutile and Graphon in a variety of organic liquids are 
given in Table I. Many of these values have been reported in a previous paper 
(3) where it was pointed out that the heat of immersion of rutile in a series 
of straight chain compounds was a linear function of the dipole moment of the 
wetting liquid. Heat data for the additional liquids shown in Table I fall close 
to the same line presented previously (3). 


TABLE I 


HEATS OF IMMERSIONAL WETTING OF RUTILE AND GRAPHON AT 25°C. 
(Ergs/cm.?) 











Liquid Rutile Graphon 
Water —550+18 — 32.2+0.1 
Methy! alcohol —426+11 —102+2 
Ethy! alcohol —397+43 —110+4 
n-Butyl alcohol —410+1 —114+5 
n-Amy] alcohol —41328 —120+0 
n-Butyl iodide —395+16 —_— 
n-Buty! aldehyde —556+10 — 
n-Nitropropane —664+6 —_— 
n-Butyl amine —330+40 —106+6 
n-Butyl chloride —502+8 —106+2 
Butyric acid —506+11 —115+1 
Hexane —135+1 —103+3 
Heptane — 14449 —112+2 
Octane —140+5 —127+0 





In systems which wet spontaneously (no contact angle) nearly the entire 
heat effect on immersion of the clean solid surface is due to the adsorption of 
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molecules in the first laver. Experimental proof comes from the fact that the 
heat of immersion per unit area of solid having a preadsorbed monolayer of the 
wetting liquid is usually very close to the value obtained on immersing a unit 
area of the liquid surface, hz. A good approximation of the heat effect due to the 
adsorption of a monolayer is therefore given by (h 51) —hz), where h ;,s7) is the 
heat of immersion of the clean solid surface. This heat effect is directly related 
(5) to the net energy of adsorption, (E,—E,), by the equation 


(1) hirsp—hr = +N, (E,—E;,). 


In this case (E,—E,) is the net integral energy of adsorption for a molecule 
in the monolayer and WN, is the number of molecules adsorbed per cm.? in the 
monolayer. The net energy of adsorption thus represents the energy involved 
in removing a molecule from the bulk liquid and adsorbing it onto the surface. 
If it is assumed that interactions between molecules in the liquid are the same 
as in the adsorbed state, it follows that (E,—E,) represents only the inter- 
action between the surface and an adsorbed molecule and does not include 
interactions between adsorbed molecules and themselves. 

The total interaction energy between adsorbed polar molecules and a hetero- 
polar surface consists of four principal parts: Ew, the nonpolar van der Waals 
contribution; E,, the contribution due to the polarization of the adsorbate by 
the surface; E,, the contribution arising from the interaction between a per- 
manent peripheral dipole in the adsorbate and the electrostatic field of the 
dielectric surface; and Ey,., the contribution arising from interaction between 
adsorbed molecules, thus: 


[2] E,—Eg = EytE,t+EatE m..- 


With the assumption that the interactions in the adsorbed state are the same 
as in the liquid state, then 


[3] E ux. = E,—Ee 
and 
[4] E,-—E;,z _ E,tE,+E£a. 


The various expressions developed for these energies are summarized by 
de Boer (1). The most useful forms of these equations for the purpose of this 
paper are 


> en 

cas N, SIT 

[6] E. sal 4r° 12 Li 
(7] E, = —Fup. 


In these equations a, and a, are the polarizabilities of the adsorbate and 
adsorbent respectively, 7; and J, the corresponding ionization energies, NV, the 
number of atoms of the dielectric per cm.*, 79 the nearest surface ion, « the 
dipole moment, d the distance of charge separation in the dipole, and F is the 
average electrostatic force field of the surface. 
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The net energy of adsorption for a monolayer, N,(E,—E,) is plotted in 
Fig. 1 as a function of the dipole moment for a number of straight chain com- 
pounds on rutile. The N,(£,—£E,) values were calculated from the heat of 
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Fic. 1. Net interaction energy as a function‘of dipole moment of various polar molecules on 
rutile. 


immersion data in Table I and a knowledge of A, using equation [1}j. The 
dipole moments are those of Smyth (7). If it is assumed that the differences in 
the total adsorption energy arise primarily from E,, then, according to equation 
[7], the slope of the line in Fig. 1 is a measure of the average electrostatic field 
strength of the rutile surface immersed in the liquids. Exact agreement of the 
heat data for all the liquids studied would be expected if the polarizabilities, 
cross-sectional areas, and distance from dipole to surface were the same. Since 
polar molecules at monolayer coverage no doubt have the polar end directed 
toward the rutile surface, these properties of the molecules probably do not 
differ markedly. The average effective field strength of the rutile surface was 
calculated to be 2.72 X 10* e.s.u. 

The contributions of the various interaction energies to the net adsorption 
energies for hexane and n-butyl alcohol on the heteropolar surface, rutile, and 
the homopolar surface, Graphon, are given in Table II. Since Graphon has no 














CHESSICK ET AL.: INTERACTION ENERGIES 235 


electrostatic surface field, E, and E, are both zero and the total adsorption 
energy is due primarily to dispersion forces alone. Any ‘‘image’’ force between 
the alcohol and Graphon must be negligible since the heats of wetting of 
Graphon were found to be independent of the dipole moment of the liquid. 
The values of E, for the Graphon systems were taken to be equal to the net 
adsorption energy N,(E,4—E,) and were not calculated because of both the 
approximate nature of the equation and the lack of reliable values for the 
physical constants of the surface atoms. 


TABLE II 
CONTRIBUTION OF VARIOUS VAN DER WAALS' FORCES TO THE ADSORPTION ENERGY 











System Interaction energies (ergs/cm.*) 
w a i 
Hydrocarbon on rutile 62 30 0 
Hydrocarbon on Graphon 67 0 0 
Alcohol on rutile 94 21 246 
Alcohol on Graphon 66 0 0 





The values of E, and E, for alcohol on rutile were directly calculable from 
equations [5] and [7] respectively from the knowledge of the field strength. 
The polarizabilities of the OH and CH, groups were calculated from molar 
refraction data. The alcohol was assumed to be oriented perpendicularly to 
the surface at monolayer coverage. Calculation of the contribution to E, due 
to the polarizability of the nearest CH» group showed this contribution to be 
negligible (~0.01 ergs/cm.?) since the distance of approach of this group from 
the surface is prohibitively large (ca. 3.5 A). The value of E,, was obtained 
here and in the case of the hydrocarbon on rutile by subtracting E,+E£, from 
the net adsorption energy. The value of E,, calculated for alcohol on rutile by 
equation [6] agrees in magnitude with the value already obtained, but the 
approximate nature of the equation and the lack of knowledge of the physical 
constants of the surface atoms permit only an order of magnitude to be cal- 
culated. 

For the hydrocarbon on rutile, an average distance of approach of 2.3 A was 
estimated from considerations of bond distances and the geometry of the 
hydrocarbon molecule assuming a horizontal orientation. To calculate E. 
from equation [5] the field strength corresponding to this distance was esti- 
mated from the exponential function of Hiickel discussed in a later section 
The calculation was made for the contribution for each CH» or CH; group 
since the number of carbon atoms in a monolayer is approximately the same 
for each of the hydrocarbons irrespective of the orientation of these molecules. 
For this reason also, E, will be about the same for any of the hydrocarbons 
regardless of chain length. 

For all the systems listed in Table I] with the exception of alcohol-rutile, 
the contriLution of the dispersion force is very nearly the same. Apparently the 
OH groups of the alcohol interact more strongly than the CH» or CH; groups 
of the hydrocarbon owing, primarily, to the closer average distance of approach 
of the OH group to the surface. It is important to note that the direct influence 
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of the surface is negligible for the second layer in these calculations because 
of the large distance of second layer molecules from the surface, and thus the 
use of the term (hk ;:sz)—/,) to approximate the heat of adsorption in the first 
layer appears to be justified. 


Variation of Field Strength with Distance of Approach 


An equation for the field strength above an ion in a solid composed of singly 
charged ions has been given by Hiickel (4) as 


F= Sze ep - 2/2 2) 


ve 


where e is the electronic charge, 7, is the closest interionic spacing in the 
crystal, and ro is the distance from the center of a surface ion. The slope of 
Fig. 1 gave an independent measure of the field strength which was substituted 
in Hiickel’s equation to determine whether a reasonable value of ro would 
result even though adsorption did not necessarily occur above an ion site and 
the crystal was made up of doubly charged ions. Using a value of 1.96 A for 
the 7, distance in rutile (6) the value of ro was calculated to be 2.08 A. Esti- 
mates of the distance from the center of the alcohol dipole to the center of the 
surface oxide ions range from 2.06 to 2.37 A depending on the assumed 
orientation. 

If the exponential term in Hiickel’s equation is used to obtain the variation 
of the field with distance from the surface, it is found the field strength is 
negligible at the distance (ca. 3.5A) of the first CH2 group of an alcohol 
molecule oriented perpendicular to the surface. Thus there is essentially no 
contribution to E, from the carbon chain. 

A consideration of the factors in the equation for the various contributing 
energies emphasizes the dominant role of the OH group for adsorption of an 
alcohol on rutile. The hydrocarbon portion of the molecule is too far from the 
surface to have any significant influence on the interaction energy. Thus, it 
would be reasonable to expect that chain length would have a negligible effect 
on the heat of immersion or net adsorption energy. This is indeed the case; the 
lower alcohols have essentially the same heat of immersion values as n-amyl 
alcohol. The same result, of course, would be expected with other relatively 
short-chain polar homologues. Similarly, for hydrocarbons on a polar or 
nonpolar surface, the CH» and CH; groups contribute in an approximately 
equal manner to the total adsorption energy. Regardless of orientation, the 
number of these groups is very nearly the same and here too, as was found 
experimentally, the heats of immersion would be expected to be independent 
of chain length. 


Relative Heats of Immersion 


It was pointed out in the previous paper (3) that rutile and barium sulphate 
had identical relative heats of immersion in water and in alcohol even though 
the actual values for the two solids were widely different. Harkins (2) had also 
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Fic. 2. Relative heats of immersion of several hydrophilic solids in various organic liquids. 


noted this similarity in the relative heat of immersion values for a number of 
different solids and liquids. Fig. 2 shows a plot of the heats of immersion of 
various solids in liquids relative to their heats of immersion in water. The line 
was drawn through the values for titanium oxide, and the close agreement for 
the group of solids indicates that their relative interactions with the different 
liquids is the same. All of the solids are heteropolar and hydrophilic, and 
probably all present primarily an outer surface of oxygen ions. The similar 
behavior is, however, still surprising since such properties as polarizability, 
characteristic energies, and field strength all vary. A further study of the 
influence of crystal parameters on the various interaction forces is being 
undertaken to attempt to explain the differences in the absolute heats of 
wetting of the different solids. 

The relative heats of wetting given in Fig. 2 show only a general correlation 
with dipole moment since the cross-sectional areas of the molecules are not the 
same and therefore the surface concentration of dipoles per square centimeter 
varies; also the polarizabilities are different. Thus nitrobenzene, with a very 
high dipole moment, has a relatively low heat of wetting indicating that the 
benzene ring is blocking off a considerable portion of the surface. 


Because of the similarity wi relative heats of wetting the results obtained 
with one solid shouid be appiicavle to all solids of the same type. ‘Therefore, 
once heats of immersion of « retcrence solid in a series of liquids have been 


measured only one heat of immacrsion value for a new solid of the sane i pe 
need be obtained in order to preaict the values in the other liquids. 
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THERMODYNAMIC PROPERTIES OF HYDROCARBONS 
ADSORBED ON RUTILE IP 


By H. P. SCHREIBER? AND R. McINTOsSH? 


ABSTRACT 


Integral molar heats and entropies of adsorbed methane and propane on rutile 
have been computed from data of isotherms at 103.2° and 110.2°K. for methane 
and 166.3° and 224.6°K. for propane. Some resemblance has been found between 
these functions and those for argon, nitrogen, and oxygen adsorbed on rutile, 
reported by Drain and Morrison. The integral molar entropy of adsorption 
made possible a test of the model of a localized film without interactions on a 
heterogeneous substrate. The model was found to be a reasonable representation 
of the state of adsorbed methane up to about 0.5 of the monolayer and of propane 
up to about 0.3 of the ———- iL. unique heat of adsorption curve for the 
adsorption of methane, ethane, ne, and m-butane has been derived and 
its significance is briefly discu T e curve has been employed to derive func- 
tions for the distribution of energies among the adsorption sites of the substrate. 


INTRODUCTION 


In a recent publication, hereafter referred to as I (8), the differential molar 
thermodynamic functions of methane, ethane, propane, and n-butane adsorbed 
on rutile were presented. These functions were computed from adsorption 
isotherms determined in a manner especially developed to provide accurate 
thermodynamic data. The results were of comparable accuracy with similar 
data obtained by calorimetry (7). It was therefore decided to attempt a cal- 
culation of the integral thermodynamic functions of the adsorbates, and to 
utilize them in combination with a simple model of a localized film in the 
manner developed by Drain and Morrison (1). Only the data for methane and 
propane were sufficiently detailed to make the additional calculations feasible, 
and the discussion is largely limited to these two systems. 

The value of the integral thermodynamic functions has been amply stressed 
by Hill (4). A more significant description of the state of the adsorbed phase 
may be obtained from them, and the values of the integral molar entropy 
permit comparison with assumed models, the properties of which are com- 
puted by statistical methods. In this paper the integral heats and entropies 
of adsorption of methane and propane are presented and discussed. 


RESULTS AND DISCUSSION 

Thermodynamic Analysts 

The integral molar thermodynamic functions of the adsorption process are 
obtained when the spreading force, ¢, of the film is chosen as one of the inde- 
pendent variables describing the adsorbed phase. In order to evaluate these 
functions, ¢ must be known accurately over wide ranges of surface concentra- 

1Manuscript received September 16, 1954. 
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This paper was presented at the Symposium on Problems Relating to the Adsorption of Gases by 
Solids, held at Kingston, Ontario, September 10-11, 1954. 
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tion. The values of ¢A were obtained according to the methods described by 
Hill, Emmett, and Joyner (6). The required equation is 


(1] od = RT ap 


where V is the volume of gas adsorbed per gm., 

p is the equilibrium pressure, 

A is the surface area per gm. considered independent of TJ, and R and 
T have their usual significance. 

In regions of higher equilibrium pressures the integration was performed 
graphically. In the low pressure region the isotherms could be represented 
analytically by the equation ; 

[2] V=ap+bpi 

where a and 3b are constants, and the integration was performed using this 
relation. Values of ¢A were obtained at 103.2, 118.2, and 133.2°K. for methane, 
and at 166.3, 183.4, 197.6, and 224.6°K. for propane. The integral molar heats 
of adsorption were obtained from 


a _ Rin(p2—prde 
[3] (H, Ho aa 1/T,-—1/T; 
and the integral molar entropies of adsorption from 
{4] H, -H,+RTI\np/p® = T(S, — S,). 


The subscripts g and s refer to the gas and the adsorbed phase, respectively. 
In several instances the integral heat of adsorption was evaluated from 


‘itl eal 2¢) 
[5] H, A, = Qs r(2 m 


where g,, is the isosteric heat of adsorption and T equals V/A. This serves 
as a check upon the correctness of the ¢ values (6). In all cases the value of 
H,—H, so obtained agreed to within 150 cal. mole! with the values obtained 
from equation [4]. The rather large uncertainty is due to the fact that the 
errors in determining gy and @¢ are combined here. It can be concluded, 
however, that the @ values are free from gross errors. In general, the integral 
thermodynamic functions are less well defined than their differential counter- 
parts. This is because the correlation of the correct equilibrium pressure with 
some particular value of ¢ is less certain than the correlation of the equilibrium 
pressure at some particular value of the volume adsorbed. This is especially 
true at low equilibrium pressures. Thus the error in the integral heats of 
adsorption is + 100 cal. mole! and in the integral molar entropies 1.0 cal. 
mole degree“. 

In order to make the entropy relationships easier to interpret, the integral 
and differential molar entropies of the adsorbed molecules themselves were 
evaluated and recorded herein. The entropy of the gas phase, necessary for 
this evaluation, was obtained by making appropriate corrections for the 
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pressure to the entropy in the standard state, taken as 1 atmosphere pressure 
and the temperature in question. The entropy in the standard state was taken 
from the literature (9). 

Methane 


The integral heat of adsorption of methane at 110.2°K. is shown in Fig. 1A 
as a function of 6. For comparison, the corresponding isosteric heat curve is 
also represented. The two curves show an expected similarity. The integral 
heat values did not vary with temperature in the range 103.2 to 133.2°K. 
The shape of the heat curves is that generally considered to be characteristic 
of physical adsorption on a heterogeneous substrate. 
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Fic. 1. A. Integral (—) and isosteric (—— —) heat of adsorption of methane on rutile 


at 110.2°K. 
B. Integral molar (S,) and differential molar (§ 2) entropy of methane adsorbed on 


rutile at 103.2°K. 

The integral and differential molar entropies of methane adsorbed at 103.2°K. 
are shown in Fig. 1B. At first, both S, and §, decrease continuously with sur- 
face coverage, but the curve of the integral entropy exhibits a shallow minimum 
in the vicinity of @ = 1.0. A deeper minimum occurs in the plot of §, near 
@ = 0.6. Both S, and S, are initially greater than the entropy of bulk liquid, 
but approach that value at high surface concentrations. The general shape of 
the curves is that which has been derived by Hill, Emmett, and Joyner(6) 
on the basis of the B.E.T. model for high values of the constant C. In this case 
the value of C was approximately 85. The results are similar to those reported 
by Drain and Morrison (1) for argon on rutile. Thus the initial decrease in 
the entropy may be interpreted as being caused by restrictions in the con- 
figuration of the adsorbate as the number of sites available for adsorption 
decreases. The increasing values of S, beyond @ = 1 is then due to the forma- 
tion of multilayers. 
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Propane 


The integral molar heats of adsorption for propane at average temperatures 
174.8 and 210.3°K. are shown in Fig. 2, along with the corresponding isosteric 
heats of adsorption. It was pointed out in | that the shape of the isosteric 
heat curve might suggest a phase change in the adsorbed film at 185°K. 
This is again suggested by the integral heat of adsorption curve. 
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Fic. 2. Integral (—) and isosteric (— — —) heat of adsorption of propane on rutile. 


Below 185°K. the integral heat of adsorption curve is of similar shape to 
that for methane, but at higher temperatures the plots are distinctly different. 
The junction of the two branches of the plot occurs near 0.8 @ instead of 0.6 6 
as indicated by the plot of the isosteric heat of adsorption. 

It was suggested in I, on the basis of the plots of 8, — S, at 183.9 and 
197.6°K., that the adsorption of propane differed from the adsorption of 
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Fic. 3. A. “ molar (S,) and differential molar (§,) entropy of propane adsorbed 
on rutile at 166.3°K. 


B. At 224.6°K. 
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methane and ethane. This view may be more closely examined with.the aid 
of Figs. 3A and 3B, in which both S, and 8S, for propane are plotted at 166.3 
and 224.6°K., respectively. It is evident from Fig. 3A that the curves of S, 
and §, for propane at the lower temperature are similar to the curves for 
methane. On the other hand, both S, and S§, at 224.6°K. vary with @ in an 
entirely different manner. This fact again suggests a change in the physical 
state of adsorbed propane near 185°K. Unfortunately, the entropy values are 
dependent upon the heats of adsorption, and so cannot provide independent 
evidence of the validity of the postulated phase change. 

While the entropy curves for propane at 166.3°K. are of the same general 
shape as those shown in Fig. 1B, some differences should be noted. The 
minimum value of S, occurs near 0.4 @, rather than near the monolayer. A 
comparable finding has been reported by Drain and Morrison (2) in the cases 
of oxygen and nitrogen adsorbed on rutile. It is difficult to interpret these 
differences in the entropy relationships. Contributions to the entropy from 
internal degrees of freedom of the adsorbed molecules as well as molecular 
interactions no doubt influence the shape of the curve. 


Test of Localized Film Model 


The values of the integral molar entropy permit a more detailed examination 
of the systems along lines developed by Drain and Morrison (1, 2). These 
authors showed that the assumption of a localized film upon a heterogeneous 
substrate led to theoretical values of S, which agreed well with the experi- 
mentally measured values up to a surface coverage of 0.6 @ in the case of 
argon. The model was also successful in accounting for the behavior of oxygen 
and nitrogen, although the diatomic molecules offered a much more complex 
problem for treatment. 

In the present case no detailed statistical treatment has been carried 
through. In the first place, the accuracy of the S, values suffices only for semi- 
quantitative interpretation. Secondly, the increased complexity of the mole- 
cules makes the statistical problem virtually intractable. Finally, the problem 
of surface heterogeneity can only be satisfactorily resolved if isosteric heat of 
adsorption data can be derived for 0°K. Therefore heat capacity data are 
necessary, which will permit reduction of the gy, to 0O°K. These data were not 
available. 

In view of these limitations, it has been assumed that methane, adsorbed 
at 103.2°K., and propane, adsorbed at 166.3°K., form localized films. To 
reduce difficulties in interpretation, discussion is essentially limited to surface 
coverages well below the monolayer, where molecular interactions can be 
neglected. The postulate of the existence of a heterogeneous substrate may be 
supported by the usual arguments (1, 11). The assumed presence of localized 
films may also be justified. If the temperature region in which some degree 
of localization is considered to persist is taken as 

AU A 


U 
ToR < T< >; (3,11) 


where AU is the energy barrier between neighboring sites, and if AU is 
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considered to be considerably less than 50% of the net heat of adsorption, 
the films of methane and propane may be considered as localized films. At 
0.3 6, for example, the net heat of adsorption of methane is 1300 cal. mole 
and 3600 cal. mole for propane. Hence, taking values of AU between 200 
and 500 cal. mole for methane, and between 500 and 1000 cal. mole for 
propane, the assumption of localized films at the designated temperatures 
appears justified. 

On the basis of the assumed model it becomes meaningful to split the molar 
entropy of the adsorbate into configurational and non-configurational parts 
according to the equation 


[6] S; > Se + Sne- 


Both S, and S,, may be calculated from theory and Hill (5) has given the 
necessary formulae. The computations involve a knowledge of a distribution 
function for the energies of the sites of the heterogeneous surface, of the 
temperature dependence of the partition function of the adsorbate, and of the 
dependence of the partition function on the energy e, of the adsorption site. 
Owing to the complexity of the methane and propane systems, S, has been 
calculated by the use of the approximate equation due to Drain andMorrison 
(1) 

[7] S. = (x°/3) R (din V/d In p) 


which is valid for energy distributions that are wide compared with RT. 
Sne was then evaluated by means of equation [6]. The behavior of the quantities 
so calculated is the sole criterion of the applicability of the chosen model. 
On the basis of the findings of Drain and Morrison (1, 2) it would seem that 
for simple molecules, the variation of S, with @ should initially be determined 
largely by configurational effects. Furthermore, at a given temperature and 
over the initial range of surface coverage, the dependence of S,, on surface 
coverage should be determined largely by the variation of the vibrational 
frequency » of the adsorbed molecules with the site energy «. If vae" where n 
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is of the order of unity, as suggested by Drain and Morrison, S,, may be expec- 
ted to vary only slightly with @. 


Methane 


The configurational and non-configurational entropies of adsorbed methane 
are shown as functions of 6 in Fig. 4. Comparison of Fig. 4 with Fig. 1B shows 
that the S, curve for methane resembles the curve for S, up to 0.5 6. Moreover, 
the greater part of the variation of S, with @ is accounted for by the change of 
S, in this range of surface coverage. Beyond 0.5 @ the S, and S, plots begin to 
diverge and S,, varies rapidly with @. In this region, molecular interactions 
should become significant and the postulated model no longer is suitable. 
Therefore the model of a localized film without interaction on a heterogeneous 
surface seems an acceptable representation of the state of the adsorbed 
methane up to 0.5 @. 


Propane 


The values of S, and S,, for adsorbed propane are represented in Fig. 5. 
Comparison with Fig. 3A again reveals that there is some resemblance in the 
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behavior of S, and S, up to about 0.3 6. However, the variation of Sy, is 
greater than in the case of methane. This is not surprising, in view of the 
fact that Drain and Morrison found that even for nitrogen and oxygen the 
complications caused by added rotational and vibrational degrees of freedom 
were of importance. It should also be noted that S,, for propane, unlike that 
for methane, has a minimum value near 0.5 6 and then increases rapidly. 
Thus, up to 0.5 of the monolayer the variations of the S,, functions of the 
two adsorbates are similar, and the increasing rate of change between 0.4 and 
0.5 @ may be due, as has been suggested in the case of methane, to interactions. 
The rapid increase of S,, in the case of propane beyond this region indicates 
failure of the model from other causes. 
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The Surface Heterogeneity of the Rutile Adsorbent 

The effects of surface heterogeneity can be taken into account quantitatively 
in a model describing physical adsorption. Specifically, Sips has shown (10) 
that a function giving the distribution of energies among adsorption sites can 
always be obtained from a given isotherm. Drain and Morrison have evaluated 
such distribution functions (2) and, using them, have carried out successful 
statistical analyses for nitrogen, oxygen, and argon adsorbed on rutile. They 
found that up to monolayer capacity, the various isosteric heats of adsorption 
were linear functions of each other, so that a unique heat of adsorption func- 
tion could be reduced to 0°K. Since the distribution function of the energies 
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of the adsorption sites is derived from the isosteric heat of adsorption curve, 
it also followed that the distribution functions had the same shape, although 
the range of energies varied with each adsorbate. They interpreted these find- 
ings as meaning that the same sites were involved in the adsorption of all 
three gases, but that the forces of interaction varied. 

The same treatment has been followed in this study involving the four 
saturated hydrocarbons. Owing to the lack of heat capacity data, it was not 
possible to correct the isosteric heat of adsorption curves to the absolute 
zero as Drain and Morrison were able to do. The data for each vapor were 
compared at the common reduced temperature T/T, = 0.53. This tempera- 
ture corresponded to the temperature of the lowest isotherm in each case and 
also the temperature at which the relative value of AU and RT was about 
equal. Again it was found possible to construct a unique isosteric heat of 
adsorption curve for the four hydrocarbons up to nearly the monolayer 
capacity. The curve is represented in Fig. 6A. Only certain values for ethane 
between 0.3 @ and 0.6 @ depart appreciably from the curve. 

The unique heat of adsorption curve leads to a family of distribution curves 
of the same shape but of widths in the ratios 1:2.5: 4:15.4, if the width of the 
methane curve is taken as unity. Two of these curves, those for methane and 
propane, are shown in Fig. 6B. 

An interpretation of the existence of a unique heat of adsorption curve 
along the lines given in the case of the simpler molecules by Drain and 
Morrison is not ruled out. However, in the present case this interpretation 
tends to lose its simplicity because, for example, it is difficult to imagine that 
a ‘‘site’’ for the adsorption of methane should also serve as a “‘site” for the 
adsorption of butane. If the existence of common isosteric heat curves is 
established for other series of complex molecules, the significance of curves 
such as that in Fig. 6A should be reconsidered. 
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AN APPARATUS FOR THE MEASUREMENT OF DIELECTRIC 
CONSTANTS OF ADSORBED GASES AT FREQUENCIES UP TO 
100 Mc./sec.' 


By M. H. WALDMAN? AND R. McIntTosH? 


ABSTRACT 


The design of an apparatus suitable for the measurement of dielectric constants 
at frequencies up to 106 Mc./sec. is shown. The apparatus was used to measure 
changes in capacitance with volume adsorbed for the system sulphur dioxide — 
rutile at about 3.5°C. and for frequencies of 13, 36, and 106 Mc./sec. The results 
failed to reveal any dispersion due to the adsorbed matter in this frequency 
range. The dielectric behavior observed is the same, within experimental error 
of a few per cent, as that found by Channen and McIntosh for the same system 
at 3.7 Mc./sec. 


INTRODUCTION 


From the work of Snelgrove, Greenspan, and McIntosh (6) and Waldman, 
Snelgrove, and McIntosh (7), who measured dielectric constants of gases on 
silica gel and rutile at radio frequencies, it became evident that it would be 
desirable to investigate these dielectric constants at much higher frequencies. 
The reasons for making high frequency measurements were: 

(1) The method of calculating the dielectric constants from the primary 
data involved the knowledge of the density of the adsorbed matter. If the 
frequency of the applied field were made so high that the adsorbed dipole 
could no longer follow the changes in the field, then the adsorbate would act 
as nonpolar material and the densities could be determined by applications 
of laws for nonpolar dielectrics. The determined density could then be used 
in the low frequency calculations. 

(2) It would be of interest to see whether the Debye dispersion range (2) 
of the adsorbed matter would correspond to the dispersion range, in magni- 
tude and position in the frequency spectrum, of the bulk liquid, or whether 
the dispersion phenomena characteristic of a rotational oscillator would be 
observed. 

Although the frequency at which dispersion would be found was unknown, 
the design and construction of a cell that would allow reliable measurement of 
dielectric constants at high frequencies up to about 100 Mc./sec. was attemp- 
ted. Previous to this, cells were used which consisted of three co-axial cylinders 
with the center cylinder at high potential while the other two were grounded. 
The space between the cylinders was packed with the solid dielectric. The 
change in capacity in this test cell due to adsorption of gas on the solid was 

1Manuscript received Seplember 16, 1954. 
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measured by adjusting a precision condenser connected in parallel with the 
test cell. , 

This method was quite suitable for the radio frequencies used, but the 
corrections to be applied for the lead connections between the two condensers 
became excessive for frequencies higher than about four megacycles/second. 

It became clear, then, that the main requirement was to construct a cell 
with the shortest possible leads between the test cell and the measuring con- 
denser so that lead corrections would be negligible. A modification of an 
apparatus due to Hartshorn and Ward (4) was used. In principle, these 
authors made the measuring condenser part of the test cell. In the present 
case, a very slight modification of the original test cell accomplished the same 
result. The innermost cylinder was made movable so that by raising or 
lowering this cylinder the capacity of the whole condenser was increased or 
decreased. The powder, of course, was packed only in the space between the 
two outermost cylinders. The changes in capacitance due to the movement of 
the innermost cylinder merely had to be calibrated against a standard conden- 
ser at low frequencies. Since the dielectric in the space between this cylinder 
and the next larger one was Teflon, its capacity would not alter with frequency. 


The Principle of the Hartshorn and Ward Method 
To grasp the principle of operation, consider an ideal circuit as envisaged 
by Hartshorn and Ward (4). Schematically, this may be‘shown as in Fig. 1. 


OSCILLATOR MEASURING CIRCUIT 
Fic. 1. 








The only voltages considered are those between 7, and T; which are com- 
mon to all the components of the measuring circuit. C; is the test condenser 
containing the sample, and C; is the measuring condenser which is used to 
compensate for changes in capacity in C, and also to obtain the resonance 
curves. 

Current considerations in the above circuit lead to an expression for C in 
terms of C,, the resonance capacity, G, the conductance across the cell, and g, 
the square of the ratio of the voltage at resonance to the voltage at the 
particular capacity measured, as follows 


[a] C= C, + SVR) 
where w is the frequency, in radians per second, of the circulating current 


Assuming G does not change, this expression shows that the resonance curve 
should be symmetrical about C, as shown below. 
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Thus, if one measures two values of C, C, and C,, for the same value of V? 
(or g) the resonance capacity may be calculated by 


1) C, = 4(C.+C), 

while the conductance of the system is given by 
Sees (Co— Cy) 

le] o= 2-1) 


The above considerations are for an ideal circuit where the leads have 
zero impedance. In practice, the leads to the various components never have 
zero impedance. As Hartshorn and Ward have pointed out, the only quantities 
which require further consideration are the resistance and inductance in the 
leads to C, and C:. The residual resistance and inductance are designated as 
R’ and L’. 

Taking R’ and L’ into consideration, it may be shown that the combination 
is equivalent to a capacitance C, in parallel with a conductance G, where C, 
and G, are given, after certain reasonable approximations, by 


[d] Co = C, (1+ L’Cw? — RC Zw?) 

and 

[e] G, = G, (1 — 2L'Cw? — RC fw?) + R'C fw. 

If both L’ and R’ are not very small [d] should be written 
ane 2 





” (1—L’Cw')°+R"C/w" ° 
If R’ is found to be negligibly small but L’ quite large, then [f] may be written 


[g] C, 1-L’Cw’ ’ 


[f] is, of course, the most rigorous expression for C,. 
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The equations [d], [f], or [g] are used to correct for asymmetry in the reso- 
nance curve. Once the curve is made symmetrical, G, may be calculated by 
use of [c]. 

In fact, in cases where R’ is negligible, L’ may be accurately found by 
determining the value of L’ necessary to make an asymmetric curve symmetri- 
cal by use of [g]. With reasonable care in construction R’ should be negligibly 
small at all frequencies so that [g] may indeed be used to correct for asym- 
metry. 

If, on trial, it is found that the resonance curve is completely symmetrical 
without correction, then it may reasonably be assumed that the L’ and R’ 
are both negligibly small. 

Further, even if there were appreciable lead corrections in this system the 
manner of operation would cause them to be cancelled out. 

Consider equation [d]. Any L and R in the leads could be lumped with the 
L’ and R’ of the cell. We have for the first condition, before gas is adsorbed 


Cy, = €C;,(1 +0" L'eC;, — R?7C,,’) 


where «¢ is the dielectric constant of the bare powder in the cell and C,, is 
the low frequency capacity of the empty cell determined from low frequency 
measurements and the reading of the calibrated micrometer. 

After gas is adsorbed we have é 


C,, = &C,,(1+w'L'e’C,, —R”we*C,,”) 


where ¢’ is the composite dielectric constant of the system and C,, would be 
the capacity of the empty cell at this setting. 

By the method of operation C,, = C,,, since resonance is re-established at 
the same frequency and for the same coil. Since the correction term is 
thus the same in both cases, «C,, = ¢’C,,. C,, and C,, are determined directly 
from the positions of the piston as measured by the micrometer and ¢ is 
separately determined at low frequency by bridge methods. Thus, correct 
values of e’ may be measured by this method. This assumes that e, the dielectric 
constant of the powder does not change with frequency in this frequency range. 
The evidence at hand indicates that this assumption is correct. 

In order to show that the operation of the cell is such that lead corrections 
vanish, it is best to consider a diagram of the cell. This is shown in Fig. 3. 


Design and Operation of the Cell 

As may be seen, the cell consists of a cylinder with a thick flange, on top of 
which a lid may be bolted. The cylinder and its flange were machined out of a 
single block of brass. Inside this cylinder and resting on a block of Teflon on 
the bottom is a smaller cylinder with a short lug at the top to which a high 
potential lead may be soldered. Since the wall of the outer cylinder is well 
grounded, we thus have a condenser of two coaxial cylinders. 

Fitting snugly inside the second cylinder is a cylinder of Teflon. Since the 
fit is quite snug, the second cylinder must be rigidly fixed if the Teflon cyl- 
inder is rigidly fixed. This is accomplished in two ways. (1) The. Teflon disc 
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Fic. 3. Test cell for high frequency measurements. 


at the bottom of the large cylinder has a raised circular portion over which 
the Teflon cylinder fits tightly. (2) The cell lid has a long sleeve extending 
down with three prongs cut out of the end of the sleeve. These prongs fit 
into three matching slots cut into the Teflon cylinder so that when the lid is 
tightly clamped the Teflon cylinder is held fixed. 

Passing down through the sleeve and the Teflon cylinder is a brass piston 
on a long rod. The rod and the piston were machined out of a single piece of 
brass to ensure that they rotated about a common axis without a trace of 
wobble. Further, the piston was made to maintain good contact with the 
sleeve at all times as it was moved up or down. It will be noticed that the sleeve 
itself has a collar near the lower end that makes good contact with the walls 
of the outer cylinder. Thus, the piston is always grounded to the walls of the 
outer cylinder by a ground connection, the length of which does not change 
as the piston is moved. It will now be clear that this movable piston makes a 
variable condenser system with the second high potential cylinder. Small 
holes were drilled through the sleeve and collar to allow free passage of 


gas. 

To ensure that no leakage would occur while the piston was moved, a 
superstructure was built on top of the lid. This superstructure consisted of a 
brass cup solidly soldered to the lid, and of a large heavily threaded brass bolt 
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pressing down on a brass ring resting on top of a Teflon gland at the bottom 
of the cup. The piston rod passed through the bottom of the cup, the Teflon 
gland, the brass ring, and the bolt. When the large bolt was screwed down 
tightly, the Teflon gland was squeezed out and made a very effective seal. 
If the operating temperature was lowered appreciably below room tempera- 
ture, the large bolt had to be tightened further to prevent leaks. To accom- 
plish the movement of the rod the inside of the bolt and the top part of the 
rod were threaded and the piston could be screwed up and down by the use 
of a small rachet wrench. The movement of the piston was measured by a 
micrometer (not shown) which could be read to 0.0001 in. also fastened to 
the top of the lid. 

Taken as a whole, the cell is really a single variable condenser consisting of 
two parts, one of which is fixed, and one variable. The two parts have a 
common high potential plate so that, in effect, there is no high potential lead 
between them. Their respective grounds go to a common point and are very 
nearly the same short length. 

The height of the fixed condenser part was 3.5 cm. The inside radius of the 
outer cylinder was 1.58 cm. with a gap of 0.27 cm. Thus, the volume of the 
space in which the powder was packed was 8.46 cm.* and the capacity when 
empty was 10.53 ywuf. When filled with powder the capacity of the space 
increased to about 33.5 wuf. which value varied depending on the density of 
packing. When completely assembled the cell had a total capacity of about 
50 yxf. with the piston resting on the bottom. The cell was operated at about 
47 to 48 uuf. capacity to allow resonance curves to be taken at all points of 
operation. The total movement of the piston was 1 in. which could be meas- 
ured accurately to 0.0002 in. The total change in capacity brought about by 
this 1 in. movement of the piston was 7.5 uyf. 

With 48 yuf. total capacity, resonance could be obtained at 106 Mc./sec. 
with an inductance consisting of a straight piece of copper wire 2.5 cm. long 
connected across the cell from the high potential lead to ground. The lowest 
frequencies at which resonance could be made to occur would presumably 
be limited by the ability to wind a coil with enough turns of wire. In practice 
the cell was used at a frequency of 13 Mc./sec. by use of 10 turns of copper 
wire on a form 3.15 cm. in diameter. 

To maintain a constant temperature, an outer jacket, through which coolant 
could be circulated, was built around the entire cell as shown in the diagram. 
In this case, it was felt to be more convenient to cause a low boiling liquid to 
boil in this outer jacket and condense in a coil immersed in a dry ice — acetone 
bath above the cell, and thus to maintain the temperature of the cell at that 
of the refluxing liquid. The temperature could be varied quite easily by 
altering the pressure at which boiling occurred. The temperature was checked 
by means of three thermocouples set into the boiling chamber. By this means 
the temperature could be kept constant to 0.1°C. with a temperature gradient 
of less than 0.2°C. from the bottom to the top of the cell. 

It is worthwhile, now, to consider a certain aspect of the voltmeter used. 
This was a vacuum tube voltmeter employing two balanced tubes, as described 
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by Greenspan (3). The circuit diagram is given by Hartshorn and Ward (4). 
From this diagram it can be seen that the operation of the voltmeter is that of a 
Wheatstone bridge of which the plate resistances of the two tubes form two 
equal arms and the two tubes form the other two arms. The internal resistance 
of tube I is altered by the input voltage from the test cell to the grid of this 
tube. This will cause an unbalanced condition with respect to tube II and 
current will flow through the galvanometer. In most cases the swing of the 
galvanometer in response to this current is very large, and the galvanometer 
spot travels far off the scale. For determining resonance capacities alone, this 
causes no trouble, since the capacity of the test cell is changed till the galvano- 
meter spot has swung through its farthest limit and has returned to the same 
position on the scale. When it is desired to determine an entire resonance 
curve, for the purpose of measuring the G of the circuit, however, the actual 
number of scale divisions traversed by the spot must be known. To accomplish 
this, just before the spot moves off the scale it is returned to the low point of 
the scale by altering the bias on tube II. Since the internal resistance of the 
tube is a function of the bias (viz. operation of tube I), changing the bias of 
tube II would also change its internal resistance. This would change an arm 
of the Wheatstone bridge that was supposed to have remained constant. 
Therefore, depending on the number of times the spot had to be returned to 
scale during a measurement, the top part of the resonance curve would have 
been determined at a different bias than the bottom part. Furthermore, 
owing to the change in the tube resistance, the top part of the curve would 
have been determined at a different amplification factor of the tube. This 
disadvantage could, of course, be overcome by operating the apparatus at such 
a low sensitivity that the whole curve could be taken on one scale length, 
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or by using a scale of great length. Both alternatives were impractical. It was 
possible to show, from considerations of the galvanometer circuit, that the 
required change in bias on the grid of tube II did not change the tube con- 
stants to an appreciable extent. 

It now was shown that the residual inductance and resistance of the cell 
were negligible. Plots of V? versus C, were obtained for a variety of frequencies 
and these curves were found to be perfectly symmetrical, even at the highest 
frequency used. These symmetrical curves were obtained for the empty cell 
and for the cell packed with powder and with gas adsorbed. A typical curve 
taken from one of the runs is shown in Fig. 4. 

Table I demonstrates the symmetry of the curve. As was pointed out 
earlier, such symmetry in the resonance curve can only mean no corrections 
need be made because of residual resistance and inductance. 


TABLE I 








Co(unf.) C+(uuf.) 


47.97 47.69 
48.07 47.70 
48.37 47.70 
48.61 47 .69 
48.93 47.68 - 








It had next to be confirmed that true values of the dielectric constant 


could be obtained at all frequencies. For this test, glass was used as the di- 
electric, since its dielectric constant remained unchanged in the frequency 
range. The following procedure was used. . 

First, with the empty cell the resonance capacity was measured using a coil 
giving resonance at 73 Mc./sec. The top was removed and a piece of glass, cut 
into a half cylinder that partly filled the space to be occupied by the powder, 
was inserted into that space. The top was carefully replaced and the plunger 
moved until resonance was again obtained. Now the coil was changed to one 
that would allow resonance at 13 Mc./sec. Resonance was obtained with the 
glass in and the plunger nearly in the same position as it was at 73 Mc./sec. 
The top was removed, the glass taken out, the top replaced, and the plunger 
moved until resonance was again obtained. Thus the capacity change due to 
insertion of the glass could be compared for the frequencies of 13 Mc./sec. 
and 73 Mc./sec. since the position of the glass semicylinder was the same for 
both frequencies. 

As an added assurance, this value was checked against the value obtained 
at 10.2 kc./sec. using a bridge method of measuring the capacity. The glass 
semicylinder was not an exact fit so that it was not possible to insert it in ex- 
actly the same way as for the high frequency trial. To compensate for this 
error, 10 trials were made by the bridge method and an average taken. Table 
II shows the remarkably close agreement in the result of all three tests and 
adequately shows that the cell will give true readings. 
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TABLE II 
Frequency (Mc./sec.) AC (uuf.) 
73.0 4.98 
13.5 4.97 
0.010 4.89 + 0.06 
RESULTS 


The cell was used to measure the change in capacity when sulphur dioxide 
was adsorbed on nonporous rutile at frequencies of 13, 36, 106 Mc./sec. and the 
single temperature of 3.5°C. 

From the primary data at these frequencies (a typical set is represented in 
Fig. 5), no appreciable frequency dependence could be detected. The plot is 
seen to have the same general characteristics as those shown by a similar 
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Fic. = Plots of AC versus volume adsorbed and functional plots for sulphur dioxide adsorbed 
on rutile. 


plot given by Channen (1) at 3.7 Mc./sec. with the apparatus described by 
Snelgrove, Greenspan, and McIntosh (6). The characteristic change in the slope 
of the plot was also found here as observed by Channen and McIntosh for 
sulphur dioxide. 

It is desirable to compare results obtained in this assembly with those 
obtained by Channen. Unfortunately, this comparison can not be made using 


WALDMAN AND McINTOSH: MEASUREMENT 277 


the primary data, owing to the difference in cell geometry and packing den- 
sities of the powder. A comparison using some functional plot must be made. 
The various functional plots that it is possible to use are discussed elsewhere 
in a paper by Channen and McIntosh (1). The one used here is the original 
function derived by McIntosh, Rideal, and Snelgrove (5) with a small correc- 
tion for the material in the gas phase which was not necessary for silica sys- 
tems. Using this method, the results obtained in this investigation agree very 
well with those of Channen, as a comparison of the slopes of the first linear 
sections of the functional plots given in Table III reveals. 


TABLE III 








Frequency (Mc./sec.) Temp., °C. Slope 


3.2 0.471 
3.5 0.485 
3.7 
3.8 





0.469 
0.478 





From equation [c] one may obtain an expression for the power factor (or the 
loss tangent) of the adsorbed vapor in the form 


(AC,— ACo) 
[A] tan 6 = 2C,,V(q—1) 
where tan 4 is the loss tangent. 

AC, is the change in capacity needed to go from one side of the resonance 
curve to the other at any chosen q after the ith addition of gas. 

AC, is the change in capacity under the same conditions but for the bare 
powder. ; 

C,, is the resonance capacity at the ith addition of gas. 

There was no detectable loss tangent at any of the frequencies used. This 
result is not, in itself, conclusive, since the adsorbed phase is such a small 
fraction of the total system that, though the adsorbed phase itself may have 
an appreciable loss tangent, its contribution to the loss tangent of the ayeinm, 
as a whole may be undetectable. 


CONCLUSIONS 


The above results show that the apparatus, as designed, works well at 
frequencies up to 106 Mc./sec. However, measurements at these frequencies 
have not shown any marked change in behavior of the adsorbed molecules 
from their behavior at low frequencies. Nevertheless, the conviction remains 
that some anomalous behavior, particularly the phenomenon of dispersion, 
must exist in some higher frequency range. 

Since neither the cell capacitance nor the inductance used to obtain reso- 
nance can be greatly reduced, the principle employed in the construction of 
this apparatus has probably been pushed to near its upper frequency limit. 
If it is desired to investigate a higher frequency range, some other method, such 
as transmission lines or wave guides, will have to be tried. 
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ON THE CALCULATION OF THERMAL TRANSPIRATION! 


By S. Cxu LIANG 


ABSTRACT 


The equation proposed earlier has been derived from a new kinetic concept. 
It is shown to be a reasonable approximation of this new consideration. The 
equation is also shown to be mathematically consistent with the general fact 
that when the thermomolecular pressure difference is plotted against the nor- 
mally measured pressure, a single maximum is obtained. The curves calculated 
from this equation are shown to agree closely with those from the Weber 
equation using van Itterbeek and de Grande’s data. The practical use of the 
equation is discussed. 


INTRODUCTION 


The problem of the effect of thermal transpiration on pressure, or the thermo- 
molecular pressure difference, was observed and investigated by a number of 
workers both experimentally and mathematically (1, 4, 9). Although a 
practical solution was not obtained, the problem was neglected for many 
years. It was not even mentioned in most publications where it was obviously 
important. 

Recently, Weber and his co-workers reinvestigated this problem and showed 
the extent to which a pressure measurement may be affected (11, 12). More 
recently, the problem was again brought to the general attention of this 
continent. Its practical importance was demonstrated by Liang (6) in the the 
case of vapor pressure measurement, and by Crowell and Young (2) in the case 
of physical adsorption. 

Until very recently, the only available equation by which the thermal 
transpiration effect may be calculated was a semiempirical one obtained by 
Weber and his co-workers. The equation was derived along the line given by 
Maxwell with modifications suggested by Weber, and took the general form 


, 


Di acter’ | 
Pe Tz, 2(1+n) yotm yetm’* O yetm” 

in which y = R/A, R being the tube radius and \ the mean free path of the gas; 
n was related to the viscosity 7 by the equation 


[2] n/no = (T/T»)**; 


B, C, D, m, m’, and m” were constants calculated from another three semi- 
empirical constants, k;, ke, and yw, which in turn were evaluated from the 
experimental data. Weber and Schmidt (13) calculated the constants for 
helium. van Itterbeek and de Grande (10) found that the values of k;, ke, and yw 
were functions of the nature of the gas and that separate determinations for 
different gases must be made. They extended the equation accordingly to cover 
the cases of hydrogen, deuteriun:, and neon. 





1) wo In Ti_1tael In 2% Cp, etm 


1Manuscript received September 16, 1954. 

Contribution from Research Laboratory, Dominion Tar & Chemical Co., Lid., 3547 Allard 
Street, Ville LaSalle, Quebec. This paper was presented at the Symposium on Problems Relating 
to the Adsorption of Gases by Solids, ned at Kingston, Ontario, September 10-11, 1954. 
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Los and Fergusson (8), in attempting to extend the Weber equation to the 
cases of nitrogen and argon, discovered that equation [1] was not applicable 
to argon. They also showed that by following the same general argument as 
Weber, mathematically, another equation of the general form 


2 ’ ” 
3) nt = Aj DD 2m | gy, yet | Cy, ye mye 








b> 2 Ts: 2(1+n)L yotm! 2° ym’ y2+m" 
“Pf (oop a) 


is possible, where d = (m’”’ —im/’*)4. The constants, while differing from those 
of equation [1], may be calculated in a similar fashion to that employed by 
Weber. This, of course, raises the intrinsic problem whether equation [1] or 
equation [3] should be employed when a new gas is being considered. 

In the meantime, a different empirical formula was suggested by the present 
writer (5) in the form 


[4] R = pi/p2 = [a(X/f)?+B(X/f)+Rm)/la(X/f)?+8(X/f/) +1) 


for the purpose of calculating the thermal transpiration effect R. Equation [4] 
was obtained by plotting R vs. p2, the normally measured pressure. X = p:2.d, 
d being the tube diameter. R,, = (71/T:2)' and f is the ‘‘pressure shifting factor” 
which was used to correlate the different gases and was arbitrarily defined as 
fx, = 1. The constants a and 8 were obtained by fitting the curve to the 
experimental data. Equation [3] was later modified slightly (7) to take a more 
readily usable form 


(5) bi/P2 = [ore(b-X)?+BuedeX +Rm]/ lone (beX)*?+Baeb-X + 1] 


by referring to helium as the standard, and defining ¢g, = 1. Equation [5] 
has been found to be applicable to at least eight gases, namely, helium, neon, 
hydrogen, argon, nitrogen, krypton, xenon, and ethylene; and it is expected 
to be equally applicable to others. 

Equation [5] can be reduced readily to 


{6] 2— P1 - Ap a 1—R, 
p2 pr One ( GyX ) + BuedX +1 : 


The practical advantage of equation [6] over the Weber equation and its 
variation (equations [1] and [3]) is immediately obvious. It is therefore 
desirable to investigate whether there is any reasonable basis for its existence; 
and to examine whether, mathematically, it conforms to all the known facts. 
Such is the primary purpose of this communication. 


DERIVATION OF EQUATION [5] 


The purely mathematical approach to the problem has been exhausted by 
Chapman and Cowling (1). The final solution includes a cluster integral which 
is too complicated to solve for practical purposes. The recent thermodynamic 
approach made by de Groot (3) following the Onsager theory of reciprocal 
relations is deceptively simple. The many terms included in the final solution 
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are so far from the conventional thermodynamics that its usefulness for 
practical purposes is rather doubtful. The physical approach outlined by 
Maxwell has been followed up by Weber and his associates (11, 12) to reach 
useful but cumbersome results. It is thus decided that an entirely independent 
approach, a new kinetic approach, however empirical it may be, should be 
adopted. 

We shall now consider the system composed of two regions at 7; and 7», 
connected by a tube of diameter d, and filled with one gas. After infinite time of 
waiting, the pressures are p; and 2. We shall proceed to solve the relation 
between p; and p>». At the offset, it should be pointed out that the system under 
consideration is not, and will never be, in thermodynamic equilibrium. Con- 
sequently, the conventional thermodynamics is of no great help. When the 
pressures between two regions of different temperatures reach ‘“‘equilibrium’”’, 
a stationary state, not an equilibrium, is established. The boundary conditions 
are that, at high pressures, i.e. Ad, 1 = 2, and at low pressures, i.e. 
\ > d, pi/p2 = (T1/T-)}. Furthermore, at high pressures the collisions for the 
transfer of energy take place predominantly in the gaseous phase while at low 
pressures the collisions take place predominantly via the wall. In the inter- 
mediate pressure region, the two types of collisions are both important, to 
varying degree as a function of the pressures. We assume that the collisions 
may be divided into the two types, each exerts its influence. independently on 
the pressures, and the resultant effects are additive. Thus, 


[7] pi = [Nobot Nwh2(Ti/T2)*]/(Not+Nw), 


where Ng and Ny are the number of collisions via the gaseous phase and wall 
respectively. It must be emphasized that Ng and Ny are not necessarily the 
physical numbers, but that they may be the equivalent numbers. The assump- 
tion of additivity may therefore be justified. 

It follows readily that Ng = kipip2 as Ng depends on the concentrations of 
molecules in both regions, where &; is a proportional constant; and Nw = Rope 
(or ke’p1) where kz (or ke’) is pressure dependent. 

Further, we will assume that »; may be represented by a polynomial of 2, or 


[8] pi = apetbp.?+... 
Solving equation [7] by substituting the functions for Ng and Nw we have 
[9] rn kipitke(T1/T2)' 
pe Ripitke , 


Substituting equation [8] into equation [9], bearing in mind ke as a function 
of ~’s, we obtain 


[10] pi _ k(p2) (apetbp.’+ ...)+(T1/T2)* 
p2 k(p2)(apo+bpo +...) +1 , 


in which k(p2) = ki/k2. Equation [10] may be rewritten in the form 


(11] pi _ Ap: +Bp2+(T1/T2)* 
Pr Ap, +Bp.+1 ? 
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when taking only the first two terms of equation [8]. By following the argu- 
ment put forward earlier (5, pp. 150-151), equation [11] is transformed into 
equation [5]. 


DISCUSSION 
Comparison with Weber Equation 


The merit of the Weber equation cannot be denied. It has served well as 
far as accuracy is concerned. The starting point of Weber’s treatment is very 
sound in principle. The approach of considering a stationary state established 
by the balance of an axial flow and a tangential flow is quite rigorous. That the 
original Maxwell treatment is inadequate to solve this problem has been 
adequately discussed in textbooks on the kinetic theory of gases and needs no 
further amplification. Weber, therefore, has to modify some of the Maxwellian 
terms, and an approximation is made. When the equation for the hydro- 
dynamical region is applied to the molecular region, Weber is forced to make a 
further modification. Much of the original rigorousness is lost after the suc- 
cessive approximations, although the mathematical expression does not 
become any simpler. The complete solution (equations [1] and [3] )is cumber- 
some yet still empirical. Actually, equations [1] and [3] are simple in appearance 
but unwieldy in use. For y; and ye are functions of \’s which are in turn 
functions of p; and p>. Thus to calculate p, for a given value of 2, the operation 
becomes extremely complicated. The alternative solution found by Los and 
Fergusson makes it even less attractive. 

The present treatment gives a very simple formula and thus eliminates all 


the difficulties involved in the Weber equation. Besides, it leaves no ambiguity 
when a new gas is to be considered. The agreement between equation [6] and 
the experimental values is to be shown in the discussion to follow. 

It might be questioned whether or not the rigorous starting mathematical 
treatment of Weber is a strong point in its favor. Actually, if the theoretical 
treatment is of interest, then those treatments given by Chapman (1) and de 
Groot (3) should be followed but not that of Weber. 


Comparison with Experiments 


For all the published cases known to the writer, 7; and p2 represent the 
conditions at room temperature, and 7; and p,; those at lower temperatures; 
the discussion will therefore be confined to this understanding. 

Generally, when Ap is plotted against p2,* the curve exhibits a single 
maximum. Equation [6] will be examined for this point. At AD = maximum 
or d(Ap)/dp2 = 0, 

[12] One (byX )?max = 1, 


Xmax = (pe -@) max = (1/ane ¢,7)3, 
or 
ae 
[13] (D2)max = - o . 


AHe- 


*In Weber's type treatment, the customary way is to plot Ap against p, where p = 3(p1 +2). The 
net result ts the same. 
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Equation [12] is of considerable practical importance. It not only indicates 
that equation [6] gives a single maximum, but also gives the pressure at which 
the maximum exists. Furthermore, for a given tube, ad,.d is constant, for 
various gases; the value of (2)max is therefore a function of ¢, only. Experi- 
mentally, the value of ($2)max can be determined more accurately for a larger 
difference between 7, and 7>. Once it is determined, it may be used for the 
cases of small temperature difference when direct determination often involves 
high uncertainty. The accuracy in the determination of (p2)msx may also be 
increased by using tubes of small diameter, which correspond to high values 
of (p2)max, and the (p2)max SO Obtained may then be used for the cases of tubes 
of large diameters. 

Since ¢ge = 1, by measuring (f2)msx for helium accurately, ag. may be 
obtained with good accuracy. This makes it possible for ¢, for other gases to be 
obtained with low experimental uncertainty. 

Equation [6] also makes it possible for the experimental results obtained 
with the same gas, same 7, and 7», but different tube diameter, to be cross- 
checked. Thus, if 

Y = (Ap) .d, 
the equation [6] gives 


Y_ (Ap). d_ 1-2 
X pa.d — are (GpX)° + Bare (bpX) 41° 


Or, if Y is plotted versus X, measurements of different tube diameters will 
fall in a single curve. 

The foregoing considerations are examined with the published experimental 
results. The equation is known to be applicable to the conditions for T, = 78° 
and 195°K. (5, 6, 7). In order to test its applicability over wide temperature 
variations, the data of van Itterbeek and de Grande (10), which cover the 
temperature range of 7, = 20—90°K. in a reasonably systematic way, are used. 
The constants for equation [5] at various temperatures are determined, and 
the curves so calculated are compared with the experimental data and also 
with the curves obtained according to the Weber equation by the original 
authors. The agreement is in general very close. One such comparison, the 
69°K. results, is shown in Fig. 1. The open and closed points are the two sets 
of published data for d = 1.236 and 0.860 mm. respectively. The full lines are 
the curves calculated from equation [5]. In the case of helium, the dotted 
curve represents that calculated from the Weber equation. In the cases of neon 
and hydrogen, the difference between the Weber equation and equation [5] 
is too small to be shown. Thus, for all practical purposes, the two solutions, 
both empirical, are equal. 

Substituting equation [12] into equation [14] gives 

_ 1—R,, 1—R,, 


1 —_——— = = ¥ 
mn Xmax 2+BredyXmax 2+Bne/ahe 


[14] 











Equation [15] gives the value of Vnax/Xmax for all gases. Thus, once the con- 
stants ag. and Bg, are determined, the value of Vmas/Xmax in all gases for all 
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Y x 10° (mm.Hg mm.) 








4 j 
1.0 OS 


X (mmHg ma.) 


Fic. 1. Comparison of the curves calculated from the present equation and the Weber 
equation with experimental data (van Itterbeek and de Grande) for helium, neon, and hy 

n, at 7; = 69°K. Tube diameter: open points, d = 1.236 mm.; closed points, d = 0.860 mm. 

ull lines, equation [5]; dotted line, the Weber equation. 





tube sizes and at all temperature differentials may be evaluated readily. 
Table I gives one set of values of Yinas/X max for helium, neon, and hydrogen at 
T, = 69°K. as an example. 
TABLE I 
Yinax/Xmax— FOR HELIUM, NEON, AND HYDROGEN AT 69°K. 








Gas Yinax/Xmax 


Ynaz Xmax 
(mm.Hgmm.) (mm. Hg mm.) 





Helium 0.0730 0.63 0.116 
Neon 0.0513 0.445 0.115 
Hydrogen 0.0480 0.41 0.117 





From equation [15], one may also obtain 


i-z, 3 
[16] B = Buebs =p "-X__- 


Thus, the B value for each gas may be calculated from experimental data for 
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each individual gas through the use of equation [16]. The ratio B,/By, gives 
¢, which may thus be determined experimentally. 

It should be emphasized that the thermal transpiration effect is a function 
of the nature of the tube. This has been pointed out previously (5) and has 
since been verified experimentally (8). The accommodation coefficient un- 
doubtedly plays an important role. Thus Los and Fergusson have found that 
the effect produced in a metal tube differs from that in a glass tube. 

The question of what role the length of the tube plays has been raised on 
many occasions. It is sufficient to say that as long as the length of the tube is 
such as to permit the establishment of the two regions at 7; and T>», the length 
is immaterial. If the tube is too short, then the two distinct regions cannot be 
established. In that case, of course, the basic conditions are not met, and it 
becomes a different problem altogether. 
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THE ADSORPTION OF ARGON ON SOME 
VACUUM DEHYDRATED SALTS! 


By H. W. Quinn,? R. W. MissEn,? AND G. B. FROsT 


ABSTRACT 


Isotherms for the adsorption of argon on amorphous products formed by the 
vacuum dehydration of several hydrated salts have been determined. These have 
shown that the adsorption is physical and that dehydration results in the for- 
mation of products of large capillary volume. The probable distribution of 
capillary diameters has been estimated and correlated with the effect of water 
vapor at low pressures in catalyzing the crystallization of the amorphous inter- 
mediates. Consideration of these findings, in the light of data for the heats of 
transition from the amorphous to the crystalline state, suggests that the X-ray 
amorphous character is not entirely due to the capillary structure but that other 
changes occur. The possible nature of these is discussed. 


INTRODUCTION 


When certain hydrated salts are dehydrated under vacuum or at very low 
pressures of water vapor, products are obtained which do not diffract X-rays. 
These products crystallize into the lattice of one of the crystalline lower 
hydrates in the presence of water vapor above certain limiting pressures which 
are specific for each salt but which depend on temperature. Crystallization 
also occurs when the amorphous material is heated at moderate temperatures 
for various periods. Hydrated salts known to behave in this manner are 
copper sulphate pentahydrate, zinc sulphate heptahydrate, manganous sul- 
phate tetrahydrate, nickel sulphate hexahydrate, magnesium sulphate hepta- 
hydrate, and manganous oxalate dihydrate. There are probably others. 

Discussion of the possible mechanism of formation of amorphous material 
under vacuum dehydration and its subsequent crystallization in the presence 
of water vapor has been given elsewhere (5, 9). It appears that as the parent 
lattice loses co-ordinated water molecules at the reaction interface, a skeleton 
lattice is formed which probably collapses at once into either a microcrystalline 
state (the microcrystals being below the limit in dimensions required for 
X-ray diffraction), or into some state of ionic randomness resulting in a 
disordered lattice of higher energy than its normal crystalline counterpart. 
The effect of water in inducing crystallization may be due to a catalytic effect 
whereby macrocrystals are formed from microcrystals (8), or to the effect of 
adsorbed water dipoles in lowering interionic attractive forces and diffusing 
into the strained lattice, thus increasing the mobility of the disordered ions 
and enabling them to orient themselves into an energetically stable arrange- 
ment. 

1Manuscript received September 16, 1954. 
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paper was presented at the Symposium on Problems Relating to the Adsorption of Gases by Solids, 

ld at Kingston, Ontario, September 10-11, 1954. 
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The limiting pressures of water vapor above which the formation of an amor- 
phous intermediate is not observed vary from small fractions of a millimeter to 
a few millimeters. Observed values are given in Table I. 


TABLE I 








Salt 


MnC,.0,.2H20 
CuSO,.5H:O 
MnSO,.4H:0 
ZnSO,.7H:0 
NiSO,.6H,O 
MgSO,.7H,0 
MgSO,.7H;O 


* 
o 


Approximate limiting pressure (mm.) 





SSESESES 
SDP Lm OS 
MOMS pw 


_ 





The rate of dehydration of manganous oxalate dihydrate at a series of low 
pressures of water vapor has been determined by Volmer and Seydel (11) and 
by Topley and Smith (10). Similar rate determinations for the dehydration of 
copper sulphate pentahydrate have been made by Frost and Campbell (4), 
who interpreted these rates in terms of the formation of amorphous material 
and its subsequent crystallization. Wheeler (12) and Ford (3) have studied 
the rates of dehydration of the other salts mentioned and found that all were 
qualitatively similar in the dependence of rate on the water vapor pressure in 
the vicinity of the reaction interface. 

Certain salts do not yield amorphous products on vacuum or low pressure 
dehydration. Nickel nitrate hexahydrate and magnesium nitrate hexahydrate 
undergo a series of crystalline phase changes. The rate of dehydration of 
chrome alum has been determined by Cooper and Garner (1) who made 
measurements of the rate of growth of nuclei on crystal surfaces. The product 
obtained on vacuum dehydration shows a definite pattern of X-ray diffraction 
lines, and the dependence of dehydration rate on water vapor pressure is quite 
different from that observed for hydrated salts which yield X-ray amorphous 
products. On vacuum dehydration, this salt appears to form a crystalline lower 
hydrate of large internal surface due to capillary formation, whereas dehydra- 
tion in the presence of water vapor at low pressure yields normal crystal 
aggregates. 

Ford (3) has shown that the dependence of rate of dehydration on water 
vapor pressure of cobalt chloride hexahydrate is very similar to that of chrome 
alum, and that the mechanism of dehydration is probably the same for the 
two salts. 

Frost, Moon, and Tompkins (5) have calculated values for the heat of transi- 
tion from the amorphous to crystalline forms of copper sulphate monohydrate 
and zinc sulphate monohydrate from measurements of the heat of solution of 
the amorphous and crystalline forms. Jamieson (7) has made similar determina- 
tions for magnesium sulphate monohydrate and nickel sulphate monohydrate. 
He also found that the heat of solution of vacuum dehydrated cobalt chloride 
differed from that of the normal crystalline monohydrate. Since all these salts 
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when dehydrated under vacuum have higher heats of solution than their 
macrocrystalline counterparts, regardless of whether or not X-ray diffraction 
lines are shown, it will be more convenient in what follows to use the term 
“active” rather than ‘‘amorphous”’ to describe them. Values of the heats of 
transition are as follows: 


ZnSO, . H:0 (active) — ZnSO, . H,O (cryst.); AH = —7600cal. mole, 
CuSO, . H,0O (active) — CuSO, . H;O (cryst.); AH = —7170cal. mole, 
MgSO, . H2O(active) — MgSO, . H:O(cryst.); AH = —6550cal. mole’, 
NiSO,. H,O (active) — NiSO,.H.O (cryst.); AH = —4720cal. mole, 
CoCl..H:O (active) — CoCl,. HO (cryst.); AH = —1390cal. mole. 


In view of the fact that the formation of these energy active products is a 
reaction step in the dehydration mechanism, and since the conversion of these 
products into crystalline forms depends in a very marked way on the action 
of water molecules adsorbed at very low pressures, it appeared desirable to 
study the adsorption of other gases on these intermediates. It was thought 
that a knowledge of such factors as the types of isotherms, the adsorptive 
capacity, the capillary structure, and the heats of adsorption might throw 
light on the nature of these products and on their role in the reaction mechan- 
ism. Preliminary experimental work has indicated a small but definite adsorp- 
tion of hydrogen, carbon monoxide, and carbon dioxide. This paper, however, 
deals entirely with the adsorption of argon on various vacuum dehydrated 
salts. 


EXPERIMENTAL METHOD 


Recrystallized samples of hydrated salts were placed in a container which 
consisted essentially of two concentric cylinders of 100-mesh copper gauze, 
the sample being contained in the annular space between the inner and outer 
cylinders. The thickness of the sample so contained was about four milli- 
meters. Dehydrations under vacuum were then carried out for several hours, 
usually at 40°C., preliminary experiments having indicated the time required 
to reach the stoichiometric monohydrate composition. Adsorption and de- 
sorption measurements were made following dehydration without disturbing 
the sample, the usual volumetric technique being used. Following these mea- 
surements, requisite weighings were made to determine the weight loss on 
dehydration and small samples removed for the making of X-ray powder 
photographs. 

Crystalline copper sulphate monohydrate was prepared by placing penta- 
hydrate crystals in the adsorbent container and allowing them to stand in an 
oven at 110°C. and atmospheric pressure for 60 hr. The final weight corre- 
sponded to the monohydrate composition and X-ray lines characteristic of the 
crystalline monohydrate were obtained. 

Cobalt chloride hexahydrate, when dehydrated under vacuum as described 
above, yielded a crystalline product corresponding to the monohydrate 
composition. It is known, however, that under such conditions a sequence of 
changes occurs which involves the co-ordination of chloride ion and the 
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ultimate loss of hydrogen chloride. In order to determine the extent of this 
reaction, a 5-gm. sample was dehydrated, the water being trapped, and the 
hydrogen ion and chloride ion concentrations determined. It was found that 
approximately 0.025% of the weight loss was due to the formation of hydrogen 
chloride. Some slight heterogeneity in composition may therefore have been 
introduced from this source. 

Isotherms were obtained at liquid air temperatures and at the boiling points 
of liquid oxygen and liquid nitrogen. The temperatures of these refrigerants 
were determined during the course of the adsorption measurements by means 
of a resistance thermometer. 


RESULTS 


Argon adsorption isotherms were obtained for several dehydrated salts. 
These are shown in Fig. 1. These isotherms were obtained at liquid air tempera- 
ture (approximately 85°K.) with the exception of that for copper sulphate 


12h CoC, “HO © ADSORPTION = 
® Cu SOgHO @ DESORPTION 

(3)Ni SQu-HeO p 
4) Fe SOg+eO 

) MeSO,.-++,0 

6) Zn SOg-HeO 
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wa 1. Adsorption isotherms for argon on several vacuum dehydrated salts at approximately 
which was obtained at 90°K. All samples were of approximately the same weight 
and were all dehydrated at 40°C. to the monohydrate composition with the 
exception of nickel sulphate which retained about 1.5 mole of water. The final 
products showed no X-ray diffraction lines except in the case of cobalt chloride, 
where weak diffraction lines were observed. 

It will be observed that the isotherms are similar in type. There is very little 
difference in adsorptive capacity between the active crystalline form of cobalt 
chloride and the X-ray amorphous copper sulphate. However, the adsorptive 
capacity of the other salts, which are also X-ray amorphous, varies widely. 

In Figs. 2 and 3 are shown isotherms for active and macrocrystalline copper 
sulphate monohydrate at 78°K. and 90°K. respectively, both adsorption and 
desorption points being shown. The adsorptive capacity is much greater for 
the active form and there is a pronounced hysteresis loop in the isotherm at 
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Fic. 2. Adsorption and desorption of argon on active and crystalline copper sulphate 
monohydrate at 78°K. 
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Fic. 3. Adsorption and desorption of argon on active and crystalline copper sulphate F 


monohydrate at 90°K. 
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te Fic. 4. Comparison of one and desorption isotherms for active cobalt chloride and 
active magnesium sulphate at 78°K. 
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78°K. The sharp rise of the isotherm for the crystalline monohydrate at 78°K. 
is to be attributed to the condensation of argon at its saturation pressure. 

The isotherms obtained for active cobalt chloride and for active magnesium 
sulphate at 78°K. are shown in Fig. 4. Those obtained at 90°K. are shown in 
Fig. 5. Pronounced hysteresis loops were obtained in the 78°K. isotherms, that 
for magnesium sulphate extending over a greater range of pressure. 

Surface area values were calculated from the foregoing isotherms using both 
the B.E.T. method and the Hiittig method (2). These values are given in Table 


II. 
TABLE II 


SURFACE AREAS 








Adsorbent é Vm (cc. per gm.) Area (sq. m. per gm.) 


CuSO,.H:0 (C) 
CuSO,.H:0 (C) 
CuSO,.H:O (A) 
CuSO,.H:O (A) 
CuSO,.H:0 (A) 
CoCl,.H.O (A) 
CoCl..H:;0 (A) 
MgSQO,.H:0 (A) 
MgSQ,.H:0 (A) 
MgSO,.H:O (A) 
ZnSO,.H:O (A) 
NiSO,.H:O (A) 
FeSO,.H:0 (A) Hiittig 
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The adsorption data obtained from the isotherms at 78°K. for active copper 
sulphate, crystalline copper sulphate monohydrate, active cobalt chloride, and 
active magnesium sulphate were tested for specificity in the usual manner, by 
plotting the relative volume adsorbed (v/v,) against the relative pressure 
(p/po). The results obtained are shown in Fig. 6. There is a marked absence of 
any specific effect for values of v/v, up to and somewhat greater than unity; 


TABLE III 
DISTRIBUTION OF CAPILLARY DIAMETERS 








Pressure, Diameter, Position on 
Salt cm. P/P» V/Vn A hysteresis loop 





CoCl,.H:0 8.5 0.31 1.29 18 Lower limit 
10.4 0.38 2.05 22 Sharp break in 
desorption curve 
0.67 2.54 53 


0.89 3.49 190 Upper limit 


1.56 25 Lower limit 
.85 28 First break in curve 
Second break in curve 
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Second break in curve 


—S OUP s 


_— 
wor 


Bam wor 
ANIA MWAH GDNH Ww 


ooces SooScS 


Bas 


Upper limit 








QUINN ET AL.: ADSORPTION OF ARGON 





CoClyH,O 

MeSOeHeO 

Cu SQg*HyO ‘acrve 

Cu SOg-HeO (envetarime 











Fic. 6. Comparative specificity curves for three active and one macrocrystalline salt. 


in other words, in this region, all the adsorbents differ in adsorptive capacity 
only by reason of differences in surface area. At higher values there isa marked 
divergence indicating a distinct difference in the distribution of capillary sizes. 

Capillary diameters have been calculated assuming the validity of the 
Kelvin equation. Some values obtained are given in Table III. 

From Table III, it will be observed that active magnesium sulphate contains 
capillaries which are much smaller in diameter than the smallest calculated 
for either active copper sulphate or active cobalt chloride, although it does 
have at its upper limit capillaries which are equal in diameter to the maximum 
size shown by copper sulphate. Active cobalt chloride, on the other hand, has 
capillaries which are nearly twice as large as the maximum size exhibited by 
the other two salts. 

Differentiated structure curves, obtained by plotting dv/dr against 7, are 
shown in Fig. 7. For cobalt chloride, the greatest contribution to the total 
capillary volume is made by capillaries of diameter of approximately 20 A. 
For copper sulphate, these curves show two peaks at capillary diameters of 
approximately 28 A and 53 A. For magnesium sulphate there are also two 
peaks at 11 A and 26A. 
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Fic. 8. Change in isosteric heat of adsorption with relative surface coverage. 
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Although the most frequently occurring capillary diameter for cobalt chloride 
is smaller than the diameters calculated for copper sulphate, the differentiated 
structure curve shows that the total number of these is approximately three 
times greater than that of the 28 A diameter capillaries and somewhat over 
five times the number of the 53 A capillaries of copper sulphate. For magnesium 
sulphate, the number of capillaries of either diameter which occurs most 
frequently is comparable with that of either diameter for copper sulphate. 
However, with magnesium sulphate, these diameters are very much smaller. 
It follows that the total capillary volume of magnesium sulphate is much 
smaller than that of either copper sulphate or cobalt chloride. Since there is a 
significant number of capillaries of wide diameter in copper sulphate, it is a 
little difficult, from the differentiated structure curves alone, to correlate its 
total capillary volume with that of cobalt chloride. However, the surface 
areas of these two active salts are nearly the same and, therefore, their capillary 
volumes must be comparable. 

Isosteric heats were calculated from the isotherms at 78°K. and 90°K. The 
values obtained, piotted against v/v,,; are shown in Fig. 8. In all cases, there is a 
rapid decrease in isosteric heat with the extent of adsorption. The values 
calculated for active copper sulphate decrease much more rapidly than those 
for the other salts and at lower values of v/v. In the vicinity of the value of 
v/v», corresponding to the formation of a monolayer, these values pass through a 
minimum. It was not possible to carry the adsorption measurements into a 
range of pressure from which the existence of minima for the other salts could 
be ascertained. 


DISCUSSION 


The adsorption of argon on these vacuum dehydrated salts follows, in the 
main, the pattern of the adsorption of non-polar gases on gel-like structures, 
the over-all heats of adsorption being of the order of magnitude which has been 
observed for such systems. However, there are some points of interest which it 
appears desirable to bring out in discussion. 

It has been shown that, for the three salts most carefully studied, vacuum 
dehydration yields products of large capillary volume. The capillary volumes 
of active copper sulphate and of active cobalt chloride have been shown to be 
comparable, although the former is an X-ray amorphous product and the latter 
is a crystalline product of large internal surface. Active magnesium sulphate is 
X-ray amorphous but has a smaller internal surface. 

The over-all spread in capillary diameter for the three active salts is from 
about 11 A to nearly 200 A. The diameters most likely to occur are much 
greater than those observed for dehydrations of the zeolitic type where the 
capillary diameters are less than 5 A. It follows, therefore, that the loss in water 
is accompanied by a considerable contraction in volume in the reaction zone 
and that this contraction in volume continues as the reaction interface moves 
into the dehydrating lattice. Garner and Pike (6) have observed the shapes of 
the dehydration nuclei formed on the faces of copper sulphate pentahydrate 
crystals and have shown that dehydration occurs most rapidly along certain 
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crystal planes. Cooper and Garner (1) photographed, at various stages of 
growth, the nuclei formed on the dehydration of crystals of chrome alum. It 
was shown that, as the nuclei grow, radial cracks develop around a star-shaped 
hole at the center of the nucleus. In the absence of direct observation, it may be 
reasonably assumed that some like process occurs in the cases under considera- 
tion. The observed differences in most probable capillary diameter are likely 
due to differences in crystallographic character. If the parent lattice and the 
crystalline end product of dehydration differ in crystal parameters and in 
specific volume, the capillaries are likely to be large. Relative rates of dehydra- 
tion along preferred planes may be a contributory factor in the distribution of 
capillary sizes. 

The relative adsorptive capacity of the various adsorbents studied is clearly 
related to the capillary structure. Active magnesium sulphate with a surface 
area of approximately seven square meters per gram and probable distributions 
of capillary diameter about the values of 11 A and 25 A presents a much smaller 
total capillary volume than active copper sulphate or active cobalt chloride. 
The adsorptive capacities of the latter two salts are about the same, whereas 
that of magnesium sulphate is very much smaller. 

This immediately suggests a correlation between the internal surface and the 
characteristic limiting pressures of water vapor above which amorphous 
intermediates do not occur. Cobalt chloride hexahydrate dehydrates at zero 
pressure of water vapor into a crystalline product of large internal surface. 
Active copper sulphate with nearly the same adsorptive capacity adsorbs a 
sufficient quantity of water at approximately 0.25 mm. pressure to induce 
crystallization; active magnesium sulphate of much lower adsorptive capacity 
shows a much greater stability in the amorphous state and does not crystallize 
below pressures of 4.5 mm. Of the salts for which isotherms are shown in Fig. 1, 
active nickel sulphate fits well into this correlation; active zinc sulphate does 
not. However, this salt behaves in a more complex fashion on dehydration and 
requires closer study. Although an isotherm has been reported for the dehydra- 
tion product of ferrous sulphate heptahydrate, it is probable that this salt 
undergoes a series of crystalline changes on low pressure dehydration and 
consequently does not fit into the sequence under discussion. The behavior 
of manganous oxalate dihydrate with respect to this correlation should be of 
interest. 

It has been pointed out that the heat of solution of vacuum dehydrated 
cobalt chloride hexahydrate is greater by 1390 cal. per mole than that of the 
normal crystalline monohydrate. This difference may be ascribed in part to 
_ the large internal surface. Since however, both active cobalt chloride and active 

copper sulphate have about the same capillary volume, it might be expected 
that the heat of solution relative to the crystalline form (or, therefore, the 
energy liberated on the amorphous to crystalline transition) of active copper 
sulphate should be of the same order as that observed for cobalt chloride. This 
is far from being the case, the value being over 7000 cal. per formula weight. 
All of the values for the X-ray amorphous to crystalline transitions, given 
earlier in this paper, are higher than those which might be expected from the 
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surface area or capillary data found, unless it is assumed that large différences 
in surface energy exist. 

This suggests that some change, other than increased surface or capillary 
volume, occurs during vacuum dehydration. If there is a lack of conformity 
at the reaction interface between the dehydrating lattice and its crystal end 
product, it is possible that the ions of the lattice will collapse into whatever 
energy levels happen to be available, ordered arrangement being realized (as 
was suggested at the outset) as mobility is given to the ions by the adsorption 
and inward diffusion of water dipoles. A state of internal strain would therefore 
result which would manifest itself by a relatively high energy release on 
crystallization. 

If such a state of internal strain were also a source of surface inhomogeneity, 
it might be expected that some specificity in adsorption would be observed 
for the active salts with reference to their crystalline counterparts. From Fig. 6, 
it is clear that no marked specific effects occur with active copper sulphate in 
reference to the crystalline monohydrate, at least up to the formation of the 
monolayer. However, the isosteric heat of adsorption falls off much more 
rapidly with increased adsorption for active copper sulphate than for the 
crystalline monohydrate and a minimum is observed at approximately the 
completion of the monolayer. The existence of such minima has, of course, been 
predicted theoretically and observed experimentally for certain ionic crystals. 
In the present work, no minimum has been observed for crystalline copper 
sulphate monohydrate, although a slight extrapolation of the adsorption 
isotherms suggests that one occurs just beyond the range of calculated values. 
It is possible that the more rapid drop in isosteric heat values and the location 
of the minimum in a lower range of adsorption for active copper sulphate has 
significance in terms of the possible ionic disorder of the surface and the effect 
of this on the induced dipoles of the adsorbed atoms. However, this possibility 
must remain in the region of speculation until more comprehensive experiments 
have been made. 
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THE FORMATION OF THIN FILMS OF IRON OXIDE! 
By E. J. CAULE AND M. COHEN 


ABSTRACT 


It is assumed that the free energy of a thin film of iron oxide is a function of its 
thickness. The effect on the dissociation pressure is calculated and the condition 
for stability of thickness is stated. A possible method for measuring the free energy 
change involved in oxide film formation on metal surfaces is presented which is 
based on measurements of the e.m.f. of the dry cell metal] oxide| oxygen. 


INTRODUCTION 


At ordinary temperatures and pressures the system iron +oxygen is unstable 
and will go spontaneously to one or more of the various iron oxides. For 
example, the equilibrium dissociation pressure of a Fe,O; is about 10-®°mm. 
pressure of oxygen. Hence, when the process of oxidation halts it is natural 
to assume that kinetic conditions have imposed a very slow speed on the 
process, slow enough to give the appearance of a halt. 

The influence of resistance to change can be seen very clearly in the forma- 
tion of iron oxide films on massive iron at pressures of around, say, 3 cm. 
oxygen and at temperatures around 370°C. In this region the clear-cut result 
is obtained, by a variety of methods, that the rate of increase of the film thick- 
ness is inversely proportional to the thickness. The most reasonable interpreta- 
tion of this result is that the rate is controlled by the diffusion of the reagents 
through the film. Subsidiary experiments on transport processes, such as 
conduction, in oxides have checked this conclusion directly. 

This simple diffusion mechanism holds over a very wide range of film 
thicknesses—under the conditions mentioned above, from 800 A up to thick- 
nesses of the order of fractions of a millimeter where the film begins to lift 
from the metal and to scale off the surface. The range from 0 to 800 A behaves 
anomalously, not following the diffusion law. Fig. 1 shows an oxidation for 
which the diffusion law is valid; the weight increase varies linearly with the 
square root of the time which follows from the varying of the rate of increase 
with the thickness. Fig. 2 can be regarded as a ‘“‘blown-up”’ view of the anom- 
alous region in Fig. 1; the data were obtained from observation of interference 
colors and the ordinate is plotted directly as Angstrom units since the inter- 
ference colors can be correlated with film thickness. It is seen that the anomal- 
ous region has been divided into two stages. At any rate, from Fig. 1 it is 
clear that given a certain thickness iron oxide will limit the rate of its own fur- 
ther growth. 

It is tempting to apply this conclusion to the data on iron oxidation at 
room temperature. At room temperature and below, iron will take up oxygen 
to form a film in the manner shown in Fig. 3. It is seen that the rate slows 

‘Manuscript received September 16, 1954. ; ; ; 
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Fic. 1. Measurements of weight gain as a function of square root of time. Total area of 
specimen 15 cm.? 
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Fic. 2. Curve of oxide thickness as function of time; thickness derived from color observa- 
tions. 
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Fic. 3. Curve of weight gain as function of square root of time. Total area of specimen 
15 cm.* Specimen oxidized and reduced once previously. 








practically to zero in the time shown. It is natural to assume that the process 
here is exactly the same as the high-temperature diffusion process, modified 
and reduced in scale by the drop in temperature, since the diffusion process 
has been found to have an activation energy of about 40 kcal. This paper will 
present an alternative explanation of the low-temperature phenomena, which 
can be extended to explain the initial section of the high-temperature curve. 
It will be claimed (a) that the film initially formed on iron at any temperature 
attains an equilibrium thickness, whose magnitude is a function of temperature 
and pressure, and (5) that a process of recrystallization transforms the initial 
oxide to a second variety not possessing an equilibrium thickness and that in 
this second form the diffusion process of the type shown in Fig. 1 takes place. 
Unless, then, process (6) occurs, growth of the film will cease entirely at a 
certain thickness which is truly stable in the absence of the second phase. 
The most striking fact to consider is that all of the iron oxide phase is 
concentrated at an interface, where it is subject to peculiarly unbalanced 
forces. From this consideration comes the first assumption, that the free energy 
of the iron oxide per unit of weight or volume is a function of the thickness. 
Let the free energy of the oxide phase, F,,, be divided into two parts, one 
the free energy of the equivalent amount of iron oxide in the bulk phase, 
F,, and the other the amount of free energy attributable to the existence of 
the oxide at an interface, F,. 
[1] Then F,, = F,+F,. 


[2] Similarly, or = un+Hs- 


The number of moles, N, of oxide can be related to the thickness, r, by the 


following equation: 
[3] N =17.A.p/M 


where A is the area considered, p is the density, and M the molecular weight. 
From [8] there is obtained: 
aN = (Ap/M).dr. 
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Consequently yu, in [2] above can be expressed as a function of r: 


OF, M.OF, 


At a fixed pressure of oxygen, po,, the condition for 
equilibrium is 
[5) 4uret+3uo, = Zptox- 


This assumes that the oxide formed is Fe,O3, which below 550°C. is very 
probable. 
Hence 


4uyet+3yo,+3RT In p = 2pox = 2p +2ue, 


from which 
[6] 4uret+3us,—2uy = 2u,—3RT In p. 


But the left-hand side of this equation is then —AF*, which is equal to 
RT In K. 
Hence 
[7] RT In K = 2n,—3RT In p. 


For bulk oxide equation [7] reduces to K = p~* which gives the equilibrium 
pressure when the free energy is not dependent on the thickness of film. 
Here, because of the introduction of 2y,, p will not have the value it would 
have for bulk oxide. If u, has a positive value, p will have to have a more 
positive value—and correspondingly for a negative value of u,. 

There is a second important factor to be considered, namely, the slope of 
the u, vs. r curve. (a) If du/dr is negative in a range, no equilibrium can be 
established in the range at a given value of applied oxygen pressure, since an 
increase in r will result in a lower value of » and thus a lower value of equili- 
brium pressure. (b) On the other hand, a positive value of du/dr in a certain 
range does permit the system to come to equilibrium at definite values of p 
which then define values of r. From the above considerations there are seen 
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to be four possibilities which are shown in Fig. 4. In the caption to this figure, 
P» represents the dissociation pressure of the bulk oxide. It will be seen that 
the most probable situation is represented by (iv). 

In the discussion so far the definition of 4, has been by means of the 
differential equation [4]. It is important that it be emphasized that pz, includes 
not only the free energy connected with the formation of the top layer of oxide 
but also the ‘‘reorganization’’ energy of the inner layers and of the metal- 
oxide interface. 

Another major assumption must now be made in order to account for the 
experimental facts; the primary stable film is considered to be not a normal 
oxide, but one of higher total free energy content, perhaps amorphous in 
character. There are several reasons for this condition, one of which is that it 
is extremely difficult to obtain a definite and recognizable electron diffraction 
pattern from such thin films. Another is to be found in the results of high- 
temperature oxidation; a striking graph from a series of experiments is shown 
in Fig. 5, where there is clearly an induction period between stages 1 and 2. 
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Fic. 5. Color measurement of thickness as function of time. 





Mott (2) has obtained the same result for copper, by a method of direct 
weighing of oxygen uptake. In general, our results indicate that stage 2 can 
be explained on the basis of a nucleation and recrystallization process occurring 
to the oxide, assumed amorphous, formed in stage 1. The induction period 
demonstrates that the oxide in stage 1 is stable in the absence of the type of 
oxide formed in stage 3, which is the normal bulk crystalline a-ferric oxide. 
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At low temperatures the transformation does not occur readily and stable 
films are left on the metal. 

The assumptions brought into the discussion so far could be tested if there 
were a direct method of measuring free energy as a function of thickness. 
Normally one of the most direct measurements is that of e.m.f., which is, 
of course, related to free energy by: AF = —n F E. There is a possibility of 
such a measurement here since the oxidation of iron is electrical in character 
and a current normally does flow in the oxide (3). An over-all equation showing 
the transfer of electrons can be written: 4(Fe—3e)+3(O.+4e) — 2Fe.,O;. 
In Mott’s theory of oxidation (2) electrons are emitted from the metal through 
the oxide to combine with adsorbed oxygen on the oxide surface; the negative 
ions then set up a field across the oxide which pulls iron ions through the oxide. 
Unfortunately the electron current, which normally is in the external circuit, 
is here in the cell itself together with the ion current. This rules out direct 
measurement of the cell e.m.f. and destroys any simple analogy to cells con- 
taining liquid solutions. 

There have been many measurements made, notably by Hackerman (1), 
of the contact potential difference between a noble reference electrode and an 
electrode of iron or other metal undergoing oxidation. The resultant readings, 
while showing that changes are taking place, have not been able to be interpre- 
ted. It is possible to set up a circuit which in most respects simulates the 
oxidizing system and produces an e.m.f. analogous to contact potential. 
Fig. 6 shows the proposed analogue. 




















= 





Fic. 6. Electrical analogue to pair of contacting metals, one of which is oxidizing in oxygen. 


In this circuit the contact potential would appear across C;, which is a 
condenser of very low capacity similar to the electrodes ordinarily used in 
contact potential measurements. Condenser C, represents the capacity of 
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the oxide film. R,; is the resistance to electron flow of the oxide film, and R, 
is the resistance to positive ion flow of the same film. £; is the e.m.f. responsible 
for electron flow and according to Mott (2) is to be equated to W+E°—@ 
where W is the binding energy of an adsorbed oxygen ion, E° is the electron 
affinity of oxygen, and ¢ is the work function of the metal against vacuum. 
E, is the e.m.f. equivalent to the free energy change of removing an iron ion 
from the metal and bringing it to the outer layer of the oxide. It is equal to 
L—Wy,, where L is the sublimation energy of an iron ion and W,, is the 
binding energy in the external layer. E; is the contact potential difference 
between iron and the reference metal. 

Before the system comes to equilibrium, growth occurs by the passage of a 
current around the circuit including E, and E;. Growth will stop when this 
current drops to zero. The condenser C, allows simulation of the building-up 
of the charge on the surface of the oxide which is a feature of Mott’s theory. 
The potential actually measured across C;, the ‘‘contact potential’’, is the 
algebraic sum of e.m.f.’s around the circuit—it is the negative of the voltage 
which must be inserted to cause no current to flow when the capacity of C, 
is altered (which is the common method of measurement of contact potentials 
by the vibrating plate method). At equilibrium, then, the measured contact 
potential will be E;— E; or E;— E, since E, and E; must be equal and opposed. 
At other non-equilibrium stages, the measured contact potential will be 
E;—£,+ potential drop across R;. 

The free energy change involved in the oxide growth is proportional to the 
algebraic sum of E,;+£,. At equilibrium this sum is zero; consequently the 
relative magnitudes must change as the thickness increases. 

The analogue is not too useful as yet but further study may prove its 
validity and increase its usefulness. The assumptions involved in the early 
part of this paper may be extreme and based on faulty experimental data, 
since accurate oxidation experiments are difficult to do. They too await further 
trial and proof. 
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HEATS OF ADSORPTION OF KRYPTON ON HIGHLY 
GRAPHITIZED CARBON BLACK! 


By C. H. AmBERG, W. B. SPENCER, AND R. A. BEEBE 


ABSTRACT 


Calorimetric heats have been determined at —183°C. for the adsorption of 
krypton on a highly graphitized sample of carbon black. This adsorption system 
is of particular interest because of the extreme step-wise nature of the isotherm. 
Both the heat-coverage curve and the isotherm appear to be indicative of a high 
degree of homogeneity of the adsorbing surface. 


INTRODUCTION 


Graphitized carbon blacks are among the very few known solid adsorbents 
which appear to exhibit energetically homogeneous adsorbing surfaces. 
Schaeffer, Smith, and Polley (21) have described the preparation of a number 
of these blacks. These authors (19) found a development of steps in the argon 
isotherms at —195°C. on carbon blacks heat treated at successively higher 
temperatures up to 3000°C. (notably the ‘Spheron 6’ and ‘P-33’ series), 
which they interpreted as indicative of increasing homogeneity of the surface. 
Steps were also observed with oxygen and to a lesser extent with nitrogen as 
the adsorbate. Champion and Halsey (8) have predicted step-wise isotherms on 
homogeneous surfaces on theoretical grounds. They made use of Hill's iso- 
therm equations (14) modified so as to include the influence of the surface 
force field of the adsorbent up to the mth layer. Conversely, they have shown 
that the smoothing out of such steps on a homogeneous surface requires 
untenable assumptions, and they have therefore concluded that the more 
common smooth type of isotherm must be due to surface heterogeneity. 

A number of publications from this laboratory concerning chiefly the ad- 
sorption of nitrogen and argon on carbon surfaces show evidence of a maximum 
value in the heat-coverage curve at the monolayer (3, 6, 7). The evolution of 
what is thought to be a homogeneous surface is particularly well demonstrated 
by the adsorption of argon on a series of Spheron blacks (7). With heat 
treatment to increasingly higher temperatures causing both the removal of 
oxygen and also increasing graphitization, the initial high section of the heat- 
coverage curve is gradually both lowered and flattened out, whilst the rise 
due to lateral interaction between the adsorbed molecules thus becomes more 
clearly delineated and the maximum value at the monolayer shows a slight 
increase. This behavior is reflected in the second laver, but to a lesser extent, 
probably because adsorption into separate layers is less pronounced at that 
stage. 

‘Manuscript received September 16, 1954. 
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Further indication that there may be an increase in surface homogeneity 
with heat treatment is given by the growth of crystallites as determined by 
X-ray diffraction (19). Furthermore, taking the black P-33 (2700°) as an 
example, the particles appear to have a structure approaching that of graphite 
judging from their interplanar distance, which is 3.42 A (19) as compared to 
3.35 A for graphite (17). Planar regions, probably exposed basal planes of the 
graphite type, may be distinguished on the surface of the carbon black 
particles in the electron microscope and these may well be a decisive factor in 
producing those phenomena which we attribute to a homogeneous surface. 

In this connection, Crowell and Young (10) have shown that the potential 
energy calculated for an argon atom adsorbed on the basal plane of graphite 
is quite insensitive to position at a given distance from the surface. The 
experimental evidence from adsorption work also points towards surface 
homogeneity in the case of graphite. Thus, for instance, Gulbransen and 
Andrew (12) found a distinct step for the initial part (up to P/P»o = 0.4) of 
a krypton isotherm on graphite. 

Undoubtedly, the removal of oxygen from the carbon particle at the earlier 
stages of the heat treatment plays its part in removing more ‘active’ sites 
and thus rendering the surface more homogeneous, an effect particularly 
noticeable with polar adsorbates. A number of adsorption and heat of wetting 
studies have dealt with this subject (4, 24). 

Along with plausible indications mentioned above, there is as yet little 
direct experimental evidence available to link the ‘operationally defined’ 
degree of homogeneity of a surface to its fine structure. The well known work 
of Rhodin (20) on the adsorption of nitrogen on single crystal copper surfaces, 
also discussed by Halsey (13), presents one of the most telling demonstrations 
of the difference between homogeneous and heterogeneous surfaces. On single 
crystal faces, which were demonstrably flat on the atomic scale, clean and 
undistorted, the isosteric heat of adsorption curves started with nearly 
constant values at lower coverage up to about 6 = 0.5. On polycrystalline 
copper Rhodin found disproportionately high initial heats along with the 
masking of lateral interaction effects in the adsorbate. This must have been 
caused largely by the presence of intercrystalline boundaries. 

We are indebted to Dr. G. D. Halsey for calling our attention to the extreme 
step-wise type of isotherm for the system krypton — P-33 (2700°) first obtained 
in his laboratory (23). As Dr. Halsey suggested, it would obviously be interest- 
ing to obtain calorimetric heats of adsorption for this system. Because we had 
been building up a considerable backlog of adsorption data for a number of 
adsorbates on graphitized carbon blacks, it seemed to us worthwhile to add 
the krypton — P-33 (2700°) system to the list for the purpose of comparison 
and contrast. 


EXPERIMENTAL 


Materzals 


The adsorbent used was the highly graphitized P-33 carbon black, heat 
treated to 2700°C. It was kindly supplied by Dr. W. R. Smith of Godfrey L. 
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Cabot Inc., Boston. Its characteristics have been previously described in 
detail by Polley, Schaeffer, and Smith (19). It hasa B.E.T. nitrogen surface 
area of 12.5 square meters per gram. The calorimeter was loaded with 10.18 gm. 
of this material. 

Spectroscopically pure krypton furnished by the Air Reduction Sales Com- 
pany was used as the adsorbate. 

All runs were done at liquid nitrogen or liquid oxygen temperatures. The 
former were read with an argon vapor pressure thermometer and the latter 
with an open-ended oxygen vapor pressure thermometer. 























Fic. 1. Calorimeter. 


A, Glass jacket; B, platinum cylinder; C, platinum fins; D, heater; E, Kovar-pyrex seals; 
F, Kovar-platinum seal; G, brass caps; H, thermocouple leads; J, copper-constantan thermai 
junction; K, heater leads (side arms not fully shown); L, inlet tube; M, top seal; NV, connecting 
tube to pump and helium reservoir. 


Apparatus and Procedure 
The apparatus used for the determination of isotherms was of the conven- 
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tional type which has been described in previous publications from this 
laboratory (6). 

Equilibrium pressures were read on a calibrated McLeod gauge up to 19 mm. 
mercury and above that on the constant volume mercury manometer using a 
Gaertner travelling microscope. Agreement between the two in overlapping 
regions was within 1%. 

The calorimeter used in the present work is shown in Fig. 1. It consists of a 
platinum cylinder B, 7 cm. long, 2 cm. in diameter and of 0.25 mm. wall 
thickness. Into this was close-fitted a set of six platinum fins, C, symmetrically 
spaced about a central platinum tube of 3 mm. diameter which serves as the 
housing for heater, D. A clearance of 2 mm. is provided between the fins and 
the bottom of the cylinder to facilitate gas distribution. A platinum lid was 
silver soldered onto the cylinder after having been joined, at F, to a Kovar- 
pyrex seal, E. The Kovar inlet tube is 19 mm. long and has an inside diameter 
of 5.5 mm. Surrounding the platinum cylinder is a glass jacket, A, the spacing 
between the two being about one centimeter. One copper—constantan thermal 
junction, J, is silver soldered onto the outside of the platinum cylinder. The 
thermocouple wires (B&S No. 30 and No. 31 for copper and constantan 
respectively) are connected to short sections of heavier wire (B&S No. 18) 
and these in turn are sealed through side arms in the jacket as shown on the 
diagram at G. The heater leads are similarly sealed through side arms at K 
(not fully shown in the diagram). 

Gas inlet L consists of a short section of 3 mm. capillary tubing, which was 
completely immersed in the constant temperature bath during runs; it is 
joined onto regular 8 mm. tubing. Thermal transpiration was thus minimized 
because of the relatively large diameter of the inlet tube in the region of the 
temperature gradient. The top of the instrument, M, was open for the purpose 
of inserting the adsorbent and installing the heater and was subsequently 
sealed off. The 15 mm. tube, L, is connected through stopcocks to the vacuum 
manifold as well as to a helium reservoir. Thus the calorimeter jacket may be 
pumped out during measurements or else helium may be admitted to it, if 
rapid heat exchange is desired, as it is between separate admissions of adsorbate. 

The 160 ohm heater was wound from B&S No. 34 enamel covered ‘Advance’ 
wire. The coil was covered. with a thin layer of aluminum foil which was held 
in place by four narrow strips of platinum shaped so as to provide a sliding fit 
with the heater housing. 

The reference thermal junction was housed in an 8 mm. glass tube which, 
in turn, was held in a copper cylinder of 2 cm. inside diameter by a rubber 
stopper. The whole unit, not shown in the diagram, was wired to the calori- 
meter jacket. For runs at — 195° the inner glass tube was filled with pump oil. 
This, however, was discarded for runs at liquid oxygen temperature with no 
apparent change in performance of the thermocouple. 

Before each run the whole calorimeter was outgassed overnight at 200°. 
Next, the Dewar vessel containing liquid nitrogen or oxygen was raised around 
the apparatus and the system allowed to establish temperature equilibrium 
over a period of two to three hours. To accelerate this process, helium was 
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admitted to the jacket to a pressure of about one centimeter or higher. Finally, 
the jacket was pumped out and the instrument was then ready for measure- 
ments. 

The methods used for the measurement of electrical energy input during 
calibrations and for amplification and recording of the thermal e.m.f. have 
been described in previous publications from this laboratory. A Perkin-Elmer 
d-c. breaker—amplifier was used in conjunction with an Esterline—Angus 
automatic recorder. The procedure outlined by Beebe and Dell (4) was 
followed. 


RESULTS AND DISCUSSION 


The results of two separate runs are shown in Figs. 2 and 3. Fig. 2 represents 
the isotherm of krypton on P-33 (2700°) at — 183° plotted as volume adsorbed 
versus relative vapor pressure. Values for the saturation vapor pressures of 
solid krypton were taken from the data of Keesom, Mazur, and Meihuizen (16). 
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Fic. 2. Isotherm, adsorption of krypton on P-33 (2700°) carbon at —183°C.: 
O, run 1;0, run 2. 


The highly pronounced step-wise character of this isotherm had already 
been demonstrated by Singleton and Halsey at the boiling temperature of 
liquid nitrogen (23). There is no appreciable difference in the sharpness of 
comparable steps at the two temperatures. We have also determined a krypton 
isotherm on Spheron (2700°) which is known to be less highly graphitized than 
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the P-33 (2700°) sample. As expected the isotherm on Spheron (2700°) had a 
somewhat less step-wise character. 

Singleton and Halsey argued that the adsorption of krypton in their case 
reached a definite limiting value at the saturation pressure of bulk solid 
krypton somewhere between the fifth and sixth layers. This was supported by 
a model (22) which predicts a limiting value between the fourth and fifth 
layers at saturation. We have repeated their calculation for the — 183° iso- 
therm with the same result. Unfortunately, our data near saturation are not 
sufficiently definitive to decide between an isotherm which crosses the P/P»= 1 
ordinate or one which proceeds to a very large value at saturation. The latter 
was assumed to be the case with the systems studied by Beebe, Beckwith, and 
Honig (2) who employed vapor pressures of liquid krypton extrapolated to 
below the triple point. 

In Fig. 3 the calorimetric heats for krypton on P-33 (2700°) at —183° are 
plotted as a function of the volume adsorbed. As corrections for the heats of 
compression are negligible, the calorimetric heats may be said to represent the 
true isosteric heats of adsorption. 





q 


a 


; 
$ 


2Vn 
1 
! 
l 


i j 











° a 6 
VOLUME ADSORBED, CC./GRAM CS.T.P.) 


Fic. 3. Heats of adsorption, krypton on P-33 (2700°) carbon at —183°C.: 
O, run 1;0, run 2. 


The curve shows the expected rise due to lateral interaction between 
adsorbate molecules in the first layer, amounting to about 600 cal./mole 
adsorbed. A steep drop of about 1600 cal./mole occurs at the completion of the 
monolayer and the curve levels off at 200 cal. above the heat of sublimation of 
krypton. The latter was calculated by means of the Clapeyron equation from 
vapor pressures given by Mathias, Crommelin, and Meihuizen (18). (The — 
analogous figures for argon on Spheron (2700°C.) (7) are about 400 cal./mole 
for the rise in the first layer and 800 cal./mole for the steep drop. These figures, © 
of course, are not strictly comparable, since the two carbon surfaces represent 
a different degree of homogeneity.) The same pattern is reflected in the second 
adsorbed layer of krypton, although to a much smaller extent. The maximum 





AMBERG ET AL.: HEATS OF ADSORPTION 311 


rises only 200 cal. above the minimum value in the second layer and the well 
defined drop into the third layer amounts to some 250 cal. A small rise in the 
second layer for argon was observed, but the descending part following it is 
more gradual than with krypton; this conforms well to the picture of less 
sharp separation into adsorbed layers in the case of argon. There is an indica- 
tion of a third step into the fourth layer in our case. Since, however, heat 
values at coverages higher than those reported show an unreasonably large 
scatter (undoubtedly owing to condensation effects in the calorimeter) not too 
much reliability can be claimed for the third drop at the end of the curve. 

The heats of adsorption and the isotherm of krypton on P-33 (2700°) were 
also measured at — 195°. Our isotherm agreed well with that given by Singleton 
and Halsey (23) except in the first low pressure region, where our pressure 
values were somewhat higher. This was due to our not having waited longer 
than two hours for the attainment of equilibrium. Our attention was focused 
on the measurement of the heat evolved during the first few minutes following 
the admission of a gas increment to the system and the exact equilibrium 
pressure was not a critical quantity in our heat determination. The observed 
heats in the first layer at — 195° are more or less constant with coverage, which 
leads one to suspect initial non-selective adsorption on the most readily 
accessible part of the carbon black, followed by a subsequent redistribution 
of the krypton too slow to be detected by our calorimeter (5). Beginning with 
the first steep drop in the heat curve, agreement between the heats of adsorp- 
tion at the two temperatures was excellent. This is plausible, as one would not 
expect a very large temperature coefficient of the heat of adsorption; thus, for 
instance, the heats of vaporization of liquid krypton differ by only 0.14% 
over the 13° range, as calculated from the equation given by Mathias, Crom- 
melin, and Meihuizen (18). 

For the same reason it appears valid to employ the integrated form of the 
Clausius—Clapeyron equation over this temperature range in order to calculate 
the isosteric heats for an intermediate temperature from the two isotherms. 
It is worthy of note that the agreement was quite good beyond a coverage of 
3.0 cc./gm., if we compared the heats obtained by calorimetry with those 
calculated from the isotherms. However, the calculated heats in the region 
0-3.0 cc./gm. are far from being in agreement with the calorimetric values; 
this was to be expected because of the known errors in the pressure measure- 
ments in the region of low coverage. 

Differential and integral molar entropies were calculated from the calori- 
metric heats and the isotherm at —183° (1) using the equations given by 
Drain and Morrison (11). The entropy-coverage curves follow the characteris- 
tic pattern found, for instance, by Hill, Emmett, and Joyner for the system 
nitrogen—Graphon (15). Crossing of the two curves takes place at the mono- 
layer, where there is a minimum in the integral entropy curve. Although the 
curves as calculated do not actually cross at the completion of the second layer, 
a second minimum in the differential entropy approaches the integral curve 
very closely and the curves could be said to cross within the limit of error of 
these calculations. 
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In conclusion it may be said that both the isotherm and heat data point 
again to a highly homogeneous surface in the case of P-33 (2700°). 

In view of the X-ray and electron micrograph data cited in the Introduction 
one might argue that the surface of these carbon particles consists chiefly of 
crystallites whose basal planes are arranged in directions parallel to the plane 
faces of the irregular polyhedra of the kind detectable by means of the electron 
microscope. This still leaves unanswered the question of why a surface, where 
lattice defects, crystallites in the surface oriented in directions other than 
parallel to it, and edge effects are bound to be significant factors in its topo- 
graphy, shows practically none of the experimental signs of heterogeneity 
such as smoothed out isotherms (such as type II of the B.E.T. classification) 
and monotonically decreasing heat of adsorption curves in the first and higher 
layers. One must remember, that the original P-33 particle before heat treat- 
ment consisted of a random arrangement of crystallites. It is not likely that 
these have arranged themselves to form a perfect surface of basal planes. 
Even if that were so, one might still expect boundaries between adjacent 
planes to be the seats of higher energy sites. Possibly the explanation is to be 
sought in terms of favorable packing of the crystallites even within the 
imperfectly ordered particle. It should be pointed out in this connection that 
although the distance between nearest neighbours in the hexagonal structure 
of the basal plane of graphite is 1.42 A, or slightly less than half the distance 
between basal planes, the distance across the hexagon is of the same order of 
magnitude as that between planes. Thus a non-polar adsorbate atom or 
molecule placed over the center of a carbon hexagon may well be subjected to 
forces similar to those operative over the edges of a ‘bundle’ of planes oriented 
in a direction normal to a geometric plane which is tangential to the surtace. 
In other words, if the distance between carbon neighbors on the surface 
nowhere exceeds the interplanar distance of 3.35 A by a significant amount, 
the modei of Crowell and Young (10) (or in a simpler form by Crowell (9)) 
may stili be applicable for argon and other adsorbates which approach the 
suriace less closely. Adsorbates with a closer approach may well be more sen- 
sitive to irregularities in the surface. It is thereture not surprising to find that 
a graphitizea carbon black shows the symptoms of homogeneity to a more 
marked degree for krypton than it does for argon. It would be interesting to 
have data available for adsorbates of smaller atomic or molecular cross-section, 
such as neon or helium, on a highly graphitized carbon surface. 
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PHYSICAL ADSORPTION STUDIES IN CARBON BLACK 
TECHNOLOGY! 


By M.H. Potrey, W. D. SCHAEFFER, AND W. R. SMITH 


ABSTRACT 


The adsorption isotherms of n-butane and butene-1 on typical furnace and 
channel carbon blacks were determined over a range of temperatures, 55°-250°C. 
The adsorption of n-butane on carbon black surfaces is attributed to physical 
adsorption; however, the extent of surface covered per unit area of carbon black 
is considerably greater at a given temperature than for a silica. Butene-1 is also 
physically adsorbed on the furnace blacks. The presence of approximately 3% 
chemisorbed oxygen on the surface of the channel blacks induces an isomerization 
of butene-1 to cis-butene-2. When oxygen is first chemisorbed on a furnace black 
surface, then that surface also interacts with butene-1. Those blacks which 
participate in the isomerization of butene-1 respond or “‘interact’’ in a cyclic 
heat treated Butyl rubber - carbon black masterbatch. 


INTRODUCTION 


In the field of carbon black technology, the properties that carbon black 
imparts to inks, lacquers, and rubber compounds are largely dependent upon 
the extent of surface and the nature of the carbon black employed. Of course, 
the extent of carbon surface is easily measured by low temperature nitrogen 
adsorption or by evaluation of electron micrographs. The former estimates 
the total surface area, while the electron micrograph pictures the external 
surface area. The nature of the carbon black surface, on the other hand, 
is not as easily defined but may be characterized by the concentration and type 
of chemisorbed complexes that reside on the carbon black surface. It is often 
the nature of the carbon black surface that is responsible for the marked 
effects some carbon blacks produce in application. The presence of chemisorbed 
complexes accounts for such effects as slowing the rate of cure in rubber 
compounds or developing flow in lithographic inks. 

One industrial development in which the nature of the carbon black 
surface plays an important role is in the cyclic heat treatment of Butyl rubber. 
This process was developed by the Esso Laboratories and is described by 
Gessler and co-workers (2, 3, 5, 8). The cyclic heat treatment of Butyl rubber 
produces increased modulus, increased tensile, increased elasticity, and 
increased abrasion resistance. The processing involved is simply the heat 
treatment of a carbon black — Buty! rubber masterbatch at 160°C. followed 
by milling for five minutes. This is repeated for the desired number of cycles. 
The improvement in reinforcement properties is associated with the chemi- 
sorbed oxygen present on the channel black surface. Furnace blacks or ‘‘de- 
volatilized’’ channel blacks did not show corresponding improvement. How- 
ever, if a furnace black was first oxidized before it was compounded in Butyl 
rubber, it then responded to the cyclic heat treatment process. It was postu- 

‘Manuscript received September 16, 1954. 

Contribution from the Research and Development Laboratories, Godfrey L. Cabot, Inc., Cam- 


bridge, Mass. This paper was presented at the Symposium on Problems Relating to Adsorption of 
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lated that this cyclic heat treatment produces: (1) enhanced anchorage of 
polymer-to-carbon clusters or particles, and (2) subsequent milling disaggre- 
gates these carbon clusters by virtue of the enhanced anchorage, making 
new surface available for further polymer—carbon linkage. 

If the reinforcement developed was due to this polymer—black interaction 
as suggested, then could this interaction be studied more simply by gas phase 
adsorption of hydrocarbons analogous to the Butyl polymer? Earlier studies 
(1) on the heats of adsorption of the four- and five-carbon hydrocarbons on 
carbon blacks at 0°C. were typical examples of physical adsorption. No inter- 
action was apparent between any of the adsorbed molecules and the carbon 
blacks studied. In Fig. 1, the isotherms for cis-butene-2, butene-1, and n- 
butane on Spheron 6 carbon black are shown. Spheron 6 isa channel black having 
about 3% chemisorbed oxygen on the surface. If these isotherms were plotted 
against relative pressure, they would be nearly superimposed. Later work 
(4) with n-decane and dihydromyrcene at 100°C. did show evidence of some 
sort of interaction of the dihydromyrcene with Spheron 6 that was absent 
with the ‘‘devolatilized’’ Spheron 6, absent with the ‘‘ion-exchanged”’ Spheron 
6, and absent with furnace black. The heats of adsorption in Fig. 2 illustrate 
the presence of this interaction, possibly a cyclization of the dihydromyrcene. 
Unfortunately, the reaction product was not identified. 

The present work describes adsorption research continued with the four- 
carbon hydrocarbons, n-butane and butene-1, at higher temperatures than those 
used earlier. The temperatures were chosen to coincide with those employed 
in the Butyl heat cycling process. 


EXPERIMENTAL 


The carbon blacks chosen for study were similar types to those used by the 
Esso Laboratories and could be separated into two main groups, i.e., those that 
do not respond to the heat cycling process and those that do. With the first 
group of blacks no interaction would be expected between the butene-1 and 
the carbon black surface. With the second group, if the response to heat 
cycling is due to polymer-carbon linkage, then there may be evidence of 
interaction between the butene-1 and the chemisorbed oxygen on the carbon 
black surface. 

The apparatus and procedures were similar to those used in earlier experi- 
ments (1). A constant temperature bath containing various refluxing liquids 
provided temperatures of 55°, 109°, and 179°C. 


RESULTS 


Fig. 3 illustrates the type of adsorption isotherm that is obtained for butene-1 
on a variety of adsorbents at 109°C. or roughly 115° above the boiling point 
of the butene-1. The ‘‘devolatilized” Spheron 6 is simply a standard channel 
black which has been heated to 957°C. for one hour in a vacuum to remove 
most of the chemisorbed oxygen. The surface area was 109.7 sq. meters per 
gram. The Vulcan 3 and Vulcan 9 are oil furnace blacks containing less than 
1% chemisorbed oxygen. They differ principally in surface area—the Vulcan 
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3 having an area of 77 sq. meters per gram and the Vulcan 9 having an area 
of 134 sq. meters per gram. The Cab-O-Sil is a 99% pure silica formed in a 
high temperature flame process. Its surface area is 152 sq. meters per gram. 
To eliminate these surface area differences, the volume adsorbed has been 
expressed as cc. (S.T.P.) per 100 sq. meters. Surprisingly enough, the volume 
of gas adsorbed at 109°C. is as much as one sixth that of the volume adsorbed at 
0°C. for the carbon blacks. Like the 0°C. data, these isotherms were completely 
reversible and reproducible. Pressure equilibration was fairly rapid—generally 
in about 10-15 min. Although not illustrated on this graph, the -butane 
isotherm on the Vulcan 3 sample lies very close to the butene-1 curve for the 
same black. The most interesting feature in this set of isotherms is the large 
difference in the magnitude of adsorption of butene-1 on a non-polar carbon 
black surface as opposed to a polar silica surface. Our earlier work (6) with 
butene-1 on silica gel at O0°C. revealed heats of adsorption nearly identical 
with that of carbon black, and the silica gel isotherms when plotted per unit 
area were only about 10% lower than that of the carbon black. However, 
Emmett (7) found for n-butane on a silica alumina catalyst an adsorption of 
0.04 cc. per 100 sq. meters at 100°C. and one atmosphere pressure. This is 
even a lower order of magnitude than the data for the Cab-O-Sil. 

In the second group of pigments, i.e., those that do show a response to the 
Butyl heat cycling process, standard Spheron 6 is the most familiar. Fig. 4 
shows that the adsorption per unit area has just about doubled in volume from 
the values of the blacks in the previous graph. The solid desorption points 
on the upper curve give evidence of hysteresis. The lower isotherm, which was 
a repeat run on the same Spheron 6 sample, shows the poisoning effect of the 
first experiment. In addition, the pressure equilibration time is now greater 
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Fic. 4. The adsorption of butene-1 on Fic. 5. The effect of unsaturation at 

Spheron 6 at 109°C. 109°C., open points—adsorption; solid 

points—desorption. 
than one hour. These isotherms do not represent true equilibrium points, as 
the final pressure reading was generally taken at some 95% of equilibrium. 
Considering this fact, the agreement of the two runs on fresh black in the upper 
curve is quite good. Thus, with hysteresis, poisoning, and slow pressure equili- 
bration, it appears that there is evidence of some type of interaction occurring 
between the butene-1 and the chemisorbed oxides present on the Spheron 6 
surface. This interaction is not evident when n-butane is adsorbed on Spheron 6. 
The effect of unsaturation on the adsorption isotherms for the Spheron 6 
channel black as compared to the Vulcan 3 furnace black is shown in Fig. 5. 
The non-polar Vulcan 3 surface scarcely can differentiate between the two 
adsorbates, butene-1 and n-butane. 

If this interaction was not seen at 0°C. either in the isotherms or in the heats 
of adsorption measurements, then at what point does it become evident? 
Fig. 6 illustrates the effect of temperature on the adsorption of butene-1 on 
Spheron 6. The desorption points are not plotted on the 0°C. isotherm, but at 
the high pressures they were coincident with the adsorption curve. Hysteresis 
is seen at 55°C. though the reaction is very slow at this temperature. Desorp- 
tion points were not obtained on the 179° and 250°C. runs, but in these experi- 
ments the reaction rate had increased markedly. 

Two other carbon blacks, in addition to Spheron 6, have been tested in 
Butyl rubber and did respond to the heat cycling process. They are oxidized 
Vulcan 3 and an experimental channel black. These two carbon blacks shown 
in Fig. 7 have about 3% chemisorbed oxygen on the surface, while the oxidized 
Printex U has about 9%. Volatile analysis experiments now in progress have 
shown differences in the type of volatile matter that is contained on these 
various surfaces. 

Mass-spectrometer analysis has confirmed the purity of the original butene-1 
and also has identified the desorbed gas from the butene-1-standard Vulcan 3 
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isotherm as pure butene-1. The reaction product of the butene-1-Spheron 6 
isotherm contained a mixture of butene-1 and cis- ~butene-2. Thus, the inter- 
action is an isomerization reaction. 

The nature of the carbon black — polymer association in the heat-cycled 
Buty! rubber is still undefined, yet, here, by a relatively simple adsorption 
experiment, it has been possible to predict the performance of a carbon black 
in a heat-cycled Butyl rubber compound. 
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CHARCOAL SORPTION STUDIES 


III. THE ADSORPTION OF ETHYLENE AND PERFLUOROETHYLENE 
BY AN ACTIVATED CHARCOAL! 


By H. L. McDernort, J. C. ARNELL, AND B. E. LAwTon 


ABSTRACT 


The adsorption of ethylene and perfluoroethylene by an activated charcoal 
has been measured over a range of temperatures. Integral and differential heats 
have been calculated and compared for the two gases. The heats of adsorption 
of perfluoroethylene are consistently higher than those of ethylene, but only by 
an amount to be expected from the difference in molecular weights. The absolute 
entropy of adsorbed ethylene has been calculated and found to be in agreement 
with a model in which the adsorbed molecules are mobile and possess at least 
two degrees of rotational freedom. 


INTRODUCTION 


The factors influencing the adsorption of hydrocarbons on carbon surfaces 
have been exhaustively studied by Beebe and his co-workers (1, 2). Beebe 
et al. (2) measured the heats of adsorption calorimetrically for the adsorption 
of a series of hydrocarbons on a non-porous carbon black. The hydrocarbons 
chosen were paraffins and olefins containing four or five carbon atoms, and 
included geometrical isomers and one positional isomer. It was found that for 
any given coverage the differential heat of adsorption was directly propor- 
tional to the number of carbon atoms in the hydrocarbon, but was independent 
of the presence of unsaturation in the compound or of the arrangement of the 
carbon atoms in the molecule. In a subsequent paper, Beebe ef a/. (1) showed 
that the heat of adsorption per carbon atom of the adsorbate was diminished 
with respect to the value found for the linear isomers, if the molecular arrange- 
ment of the adsorbate was such that one of the carbon atoms projected into 
space when the others were in the plane of the surface. For example at a 
coverage of @ = 0.2, the differential heat of adsorption of neopentane was 
reported by these workers to be 1.6 kcal. per carbon atom compared with a 
value of 2.5 kcal. per carbon atom for m-pentane. The work of Beebe’s group 
has demonstrated that with the exception of neopentane and cyclohexane the 
differential heat of adsorption per carbon atom of hydrocarbon at a coverage 
of 6 = 0.2 lies between 2.5 and 2.65 kcal. per carbon atom. 

The present work was undertaken to make a careful study of the adsorption 
of a simple hydrocarbon on a carbon surface and to investigate the effect of 
replacing all the hydrogen atoms of the hydrocarbon by fluorine atoms. 
To this end adsorption isotherms are presented for the adsorption of ethylene 
and perfluoroethylene by an activated charcoal. Thermodynamic quantities 
for the adsorbed phase have been calculated by the methods outlined by 
Hill (6). 

*Manuscript received September 16, 19654. ’ 

Contribution from the Defence Research Chemical Laboratories, Ottawa, Canada. Also issued 


as DRCL Report No. 178. This paper was presenied at the Symposium on Problems Relating to 
the Adsorption of Gases by Solids, at Kingston, Ontario, September 10-11, 1954. 
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PROCEDURE 


The charcoal employed in this study was a zinc chloride activated maple 
charcoal of extremely low ash content whose properties have been reported 
elsewhere (10). 

The ethylene was procured from the Ohio Chemical Co. It was reported to 
be 99.5% pure and was used without any further purification. The perfluoro- 
ethylene was made by the pyrolysis of polytetrafluoroethylene and purified 
by low temperature fractional distillation. 

The charcoal was prepared for adsorption measurements by evacuation at 
200°C. for at least 12 hr. The perfluoroethylene isotherms were measured by a 
gravimetric method. A sample of charcoal weighing approximately half a 
gram was placed in a bulb fitted with a stopcock and a tapered joint so that 
the sample could be removed from the system and weighed. The adsorption 
isotherm was measured by admitting gas to the charcoal, allowing the system 
to equilibrate, and then removing the sample from the system and weighing it. 
The weight of gas adsorbed was simply the difference between this weight 
and that of the evacuated sample. With the exception of the isotherm at 
273.2°K. for which an ice bath was used, simple water thermostats were used 
for the measurements at all the other temperatures. Isotherms were measured 
at 273.2°, 290.5°, 295.8°, 302.0°, and 308.5°K. The isotherms are plotted in 
Fig. 1 and are reversible within the experimental error of the measurements. 
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Fic. 1. Adsorption isotherms fer perfluoroethylene on charcoal. Open symbois denote 
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To achieve greater precision than was attained in the perftluoroethyvlene 
isotherms, the ethylene isotherms were measured volumetrically in a standard 
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volumetric adsorption system. A slightly larger sample of charcoal was used 
than that employed in the perfluoroethylene measurements, but its treatment 
prior to adsorption measurements was the same. An ice bath was used for 
measurement of the isotherm at 273.2°K. To attain the lower temperatures 
an ethylene glycol — water bath was used which was cooled by a copper coil 
through which liquid air was circulated at a rate controlled by a vapor pressure 
regulator. Sulphur dioxide was used in the regulator at 260.8°K. and methyl 
chloride at 245.4°K. The ethylene isotherms displayed a small amount of 
hysteresis over the pressure range studied. The adsorption points were somewhat 
scattered and slightly displaced in the direction of higher pressures with ref- 
erence to the desorption points. It was also observed that on adsorption the 
system required extremely long periods of the order of eight hours to equilibrate 
compared with short periods of about 15 min. on desorption. The short equili- 
bration times on desorption and the exact reproducibility of the desorption 
points taken over many separate runs are believed to be convincing proof 
that the adsorption points are not at true equilibrium, but represent metastable 
states due perhaps to slow diffusion of gas into the granules of the charcoal. 
Accordingly the adsorption points have not been plotted in Fig. 2, which 
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Fic. 2. Adsorption isotherms for ethylene on charcoal. 





shows the desorption points for the isotherms at 273.2°, 260.8°, and 245.4°K. 
The absence of corresponding hysteresis effects in the perfluoroethylene— 
charcoal system can possibly be accounted for by the following: (1) the 
gravimetric method is not as sensitive as the volumetric, and (2) removal of 
the adsorption cell from the thermostat for weighing tends to obscure hysteresis 
effects if the bath temperature is lower than room temperature. 
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Thermodynamic quantities were calculated by the methods outlined by 
Hill (6). Isosteric heats and integral heats were calculated by means of the 
equations 


| 
Ost eal (2p RT’, 


a (2 In e) RT’, 
¢ 





oT 


ry 
o=RT fe 7 ap, 


where Qgr is the isosteric heat, Hg—Hs is the integral heat, and the other 
symbols have their usual meaning. The fraction of the surface covered, 6, was 
estimated from the area of the charcoal as measured by the low temperature 
adsorption of nitrogen and from the areas of the adsorbate molecules as 
calculated from their liquid densities. The isosteric and integral heats are 
plotted as a function of @ in Figs. 3 and 4 respectively. Asa check on the internal 
consistency of the calculations, the isosteric heat was computed also by means 
of the equation 


T{ 9a 
Qsr = He-Hat2( 38 ; 


and compared with the isosteric heat calculated in the usual manner. The 
measure of agreement reached in the case of ethylene is shown in Fig. 5. The 
difference between the integral molar entropy of the adsorbed phase and that 
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Fic. . Isosteric heats calculated in two different ways for the adsorption of ethylene by 
charcoal. 





of the gas at the equilibrium pressure was computed from the equation 
Se—-Ss = (He—Hs)/T, 


where T is the mean temperature of the isotherms. The quantity Sg—Ss is 
plotted as a function of 6 for both gases in Fig. 6. 





McDERMOT ET AL.: CHARCOAL SORPTION STUDIES 





| i | 


ve 








| ! ! 


0. 0.2 0.3 
FRACTION OF SURFACE COVERED (6) 


Fic. 6. Integral molar entropy changes accompanying the adsorption of ethylene and per- 
fluoroefhylene by charcoal. 





0) 0.4 


40 





S CALCULATED (mm) 


S CALCULATED (1) 


itll 
Wire 


8 


© EXPERIMENTAL POINTS. 


ABSOLUTE ENTROPY (Ss) IN EU. 
fo) 











1 it 
0) Ql a2 03 04 
FRACTION OF SURFACE COVERED (6) 


Fic. 7. Absolute entropy of ethylene adsorbed by charcoal. Circles denote experimental 
points. Solid lines are calculated values. 


The absolute entropy, Ss, of the adsorbed ethylene was calculated from the 
quantity Sg—Ss using the value of 51.1 e.u. (4) for the entropy of the gas ata 


pressure of 1 atm. and at the temperature 7. Experimental values of Sg are 
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presented in Fig. 7 along with theoretical curves based on three adsorption 


models. 
DISCUSSION 


Experimental values of the entropy of adsorbed ethylene are presented 
in Fig. 7 along with theoretical curves based on three adsorption models. The 
theoretical curves were calculated by means of the following equations derived 
from simple statistical thermodynamics 


S — ermbTed so, 


se = an 2 fSeXUL EET 
™o h 2 

where Sans is the translational entropy, A is the area available per molecule, 
So is the rotational entropy, a+6+c = m is the number of degrees of rota- 
tional freedom possessed by the molecule, J,, Js, and J¢ are the moments of 
inertia, and o is the symmetry number. The area available per molecule, A, 
was calculated from the relationship A = £/N, where = is the area of the 
adsorbent. The first curve, labelled Seaewstea(1), represents the case where the 
adsorbed molecules possess two degrees of translational freedom and one 
degree of rotational freedom in the plane of the surface. In the second model, 
Seaicuistea(11), the molecules are endowed with two degrees of translational 
freedom and two degrees of rotational freedom in the plane of the surface. 
The third curve, Scasewatea(III), is calculated by assigning the molecules two 
degrees of translational freedom and all three degrees of rotational freedom. 
Kemball (9) has suggested that a molecule that has lost one degree of 
translational freedom may acquire in its place a vibrational degree of freedom 
which may result in an entropy contribution of from 0 to 5 e.u. The following 
equations given by Kemball (9) have been used to estimate the entropy 

contribution due to vibration of the ethylene molecule: 

y = L Vat Trt M4 
and Sy, = R[{(hv/kT)(et*/*? — 1) —In(1 —e~*"/#7)], 


where » is the frequency, LZ is a constant having the value 2.8 X 10”, V,, 
is the molecular volume, and T,, is the melting point. At 259°K., Sy, was 
calculated to be 4.1 e.u. 

If interaction exists between the adsorbed molecules, an entropy contribu- 
tion may be expected from this source. However in the present experiments, 
it is hoped that the coverage is sparse enough to lead to negligible interaction 
between adsorbed molecules. Some evidence exists to show that this is indeed 
the case. Graham (5) has suggested that adsorption systems may be char- 
acterized by the form of the curve obtained by plotting the quantity 
6/(1—6)p, which he calls the equilibrium function, against 6, the fraction of 
the surface covered. If this is done for ethylene and perfluoroethylene it is 
found that the equilibrium function decreases steadily with increasing @. 
According to Graham, this type of behavior is characteristic of adsorption 
on a non-uniform surface with no interaction between adsorbed molecules. 
Consequently, it is believed that the contributions arising from molecular 
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interaction may be neglected up to the highest coverage attained in these 
experiments, although they would undoubtedly become important at higher 
coverages. If Kemball’s suggestion is accepted, then the theoretical values 
presented in Fig. 7 must all be increased by 4.1 e.u. It is at once apparent that 
Seatcustea(I1I) will be appreciably above the experimental values over the 
whole range of coverage investigated and that Soacustea(I) will still be con- 
siderably below the experimental values. Thus on this basis Model III may be 
ruled out and it may be inferred that insufficient degrees of freedom were 
assigned to the molecule in the case of Model I. Model II with the addition of a 
weak vibration remains as the final choice, and indeed the values so calculated 
account for 93% of the experimentally measured entropy. The difference 
between Seaioustea(II) plus 4.1 e.u. and the experimental values is 2.4 e.u. 
over the coverage studied. The experimental values are accurate to approxi- 
mately 1 e.u. and the method of calculating the vibrational entropy is an 
approximate one. Therefore, the agreement noted above is satisfactory. 
de Boer (3) has also calculated entropies of hydrocarbons adsorbed on charcoal 
and concluded that the adsorbed films are mobile. Although the authors of 
this paper believe this is true on the basis of their own findings, they do not 
feel that de Boer was justified in reaching this conclusion. In the first place his 
calculations were based for the greater part on work done by Ray and 
Box (11), which although adequate for the purpose intended is not accurate 
enough for making thermodynamic calculations. Secondly, de Boer calculated 
differential entropies, which Hill (7) has pointed out are unsuitable for com- 
parison with those calculated from statistical-mechanical models. 

The heats of adsorption and the entropies of adsorption for ethylene and 
perfluoroethylene have been compared in Figs. 3, 4, and 6. Over the range of 
coverage studied the heat of adsorption of perfluoroethylene is consistently 
higher than that of ethylene, although the entropies are almost identical at 
the temperatures chosen. For example, at 6 = 0.2 the differential heat of 
adsorption of ethylene was found to be 2.65 kcal. per carbon atom compared 
with 3.10 kcal. per carbon atom for perfluoroethylene. These values are in 
approximate agreement with values found by Beebe e al. (1, 2) for the adsorp- 
tion of a number of hydrocarbons by carbon surfaces. In the discussion which 
follows, it will be shown that the mode of adsorption is the same for the two 
gases and that the differences in the heat of adsorption may be accounted for 
solely in terms of the difference in molecular weight between the two com- 
pounds. The physical properties of ethylene (8) and perfluoroethylene (12, 13) 
are listed below. 





Critical Meantemp. Ads. temp. Heat of Entropy of 
temp., of adsorp., ——— vaporization, B.P., vaporization, 
K °K. Critical kcal./mole °K. e.u. 
temp. 





Ethylene 283 259 0.92 3.33 169 19.7 


Perfluoro- 
ethylene 307 297 0.97 4.10 197 20.8 
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It is seen that the mean temperatures of adsorption are close to 95% of the 
critical temperatures of the two gases. Since the forces which determine the 
critical temperature of the gas are similar to those active in physical adsorption, 
the agreement between the entropy curves of Fig. 6 at roughly the same 
fraction of the critical temperature is interpreted as meaning that the mech- 
anisms of adsorption are identical for the two gases. This is believed to be 
exactly analogous to the agreement of the entropies of vaporization at the 
boiling points, which occur at approximately 60% of the critical temperatures. 

The quantity Hz—Hs—H, is plotted in Fig. 8 as a function of 6. The 
curves fall close to each other indicating that the forces responsible for the 
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Fic. 8. The difference between the integral heat of adsorption and the heat of vaporization 
for ethylene and perfluoroethylene. 


increase in the heat of vaporization of perfluoroethylene over that of ethylene 
are also responsible for the observed increase in the heat of adsorption. Since 
these two substances obey Trouton’s rule quite closely, it may be assumed that 
the liquids are monomeric and that the increase in the heat of vaporization of 
perfluoroethylene over that of ethylene is simply a result of its higher molecular 
weight. Consequently, the heat of adsorption of perfluoroethylene is larger 
than that of ethylene by an amount that would be expected from its higher 
molecular weight. It is concluded therefore that there is no specific interaction 
between the fluorine atoms of the fluorocarbon and the carbon surface. 
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THE ADSORPTION OF ALIPHATIC ACIDS FROM 
AQUEOUS SOLUTIONS BY POROUS CARBONS! 


By Joun L. MorRIsON? AND Davip M. MILLER? 


ABSTRACT 


The maximum adsorptions of the lower members of the mono- and di-carboxylic 
acids from aqueous solutions were determined for coconut charcoals of different 
degrees of activation. Based on these results, a method for estimating pore size 
was applied to the more finely porous charcoals. To corroborate the pore sizes 
estimated from acid adsorption, pore size - area distributions were calculated 
from measurements of the water vapor sorption isotherms of the charcoals. An 
alternation in the maximum amounts of adsorbed acids was observed with the 
more active charcoals. Acids with an even number of carbon atoms had larger 
adsorptions than acids with an odd number. The alternation was much more 
marked for the di- than for the mono-carboxylic acids. A remarkable correlation 
between the alternation of adsorptions and of melting points of both acid series 
was observed. An explanation for the general phenomenon of alternation based 
on rotational motion of molecules in the solid state is given as an alternative to the 
widely held one based on tilting of molecular chains. 


A determination of the nature of the adsorbed layer is one of the principle 
objectives of adsorption studies. In the selective adsorption by a porous 
adsorbent of one component from a binary liquid mixture, two alternatives 
have been considered possible, either molecular layer adsorption (6, 10, 11) 
or capillary condensation (4, 5, 8). The present work concerning the adsorption 
of aliphatic acids from aqueous solutions by porous carbons appears to be an 
example of the first alternative. 

Linner and Gortner (11) measured the adsorption isotherms of 31 organic 
acids from water solutions by one sample of Norite charcoal, and by applying 
the Langmuir equation, they calculated the maximum amounts adsorbed at 
higher concentrations. In the case of acid adsorption, the present work ex- 
clusively involves the direct measurement of the maximum amounts adsorbed. 
As Linner and Gortner suggest, this is ‘‘a more valid method of comparing the 
effect of molecular structure on adsorption”’. 


EXPERIMENTAL 


The coconut shell charcoal samples were obtained from the Standard 
Chemical Co. Ltd., Montreal. They consisted of two series of seven samples, 
each sample removed from the steam activator at approximate intervals of 
24 hr. Some data on the series Charcoals 1 to 7 have already been given (10) 
and data for the series charcoals 1B to 7B are given in Table I. 

‘Manuscript received September 16, 1954. 
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TABLE I 
DATA ON THE B SERIES OF COCONUT CHARCOALS! 











Sample No. Volume activity Mercury density,? Nitrogen 1? s 

gm./cc. Va mM./gm 
1B 1.0 1.177 5.17 
2B 4.1 1.099 6.71 
3B 8.7 1.080 8.04 
4B 13.0 1.045 9.18 
5B 16.6 0.988 10.48 
6B 19.9 0.944 11.78 
7B 22.1 0.917 12.72 





1For the methods of Sg ne these data, see Lemieux and Morrison (10). 
2Determined by J. L. Morrison. 


Acid Adsorption 

The data of Lemieux and Morrison for the adsorption of the aliphatic 
acids from acetic to valeric by Charcoals 1 to 7 are used here. The measure- 
ments on caproic acid and the dicarboxylic acids oxalic to adipic on the same 
charcoal series are new, as are all the measurements on Charcoals 1B to 7B. 

Caproic acid was C. P., Fisher Scientific Co.; the other monocarboxylic 
acids and malonic, succinic, and adipic acids were chemically pure grade from 
Eastman Kodak Co.; oxalic acid was recrystallized from technical grade, 
Central Scientific Co.; glutaric acid was prepared from trimethylene bromide 
(14). 

The procedure already described (10) was followed with slight modifications 
for the dicarboxylic acids. The adsorptions were carried out in 250-ml. ground 
glass stoppered flasks which were sealed by paraffin wax. At least two days 
were allowed for equilibration. The measurements on the B series were made 
at 25.0+0.1°C., and the dicarboxylic acids were equilibrated at room 
temperature. 

Owing to the large solubilities of malonic and glutaric acids, smaller amounts 
of solution and larger charcoal samples than above were used. Here 25 ml. 
portions of acid solution were added to 4 gm. of Charcoals 1 to 4 and to 3 gm. 
of Charcoals 5 to 7. They were allowed to stand until gas evolution ceased 
(seven to eight days). Then two 10-ml. samples were titrated. The two pro- 
cedures checked for succinic acid within the experimental error. 

The adsorptions at four or five concentrations were determined and averaged 
for each charcoal. The average deviation for the monocarboxylic acids adsorbed 
on the B series was +2.0%, and for the dicarboxylic acids, excluding glutaric, 
+3.6%. Glutaric acid had a deviation of +9.2%. In all cases, the deviations 
decreased with increasing charcoal activity; for example, with Charcoal 7, 
glutaric acid deviated by +4.7% and the average of the other dicarboxylic 
acids was +2.6%. 


Water Adsorption 


To obtain an independent measure of the charcoal pore sizes, the water 
vapor adsorption isotherms were measured by the method of Wiig and Juhola 
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(23). As in their case, dibutyl phthalate manometers were used. Because they 
exhibited a very small vapor pressure (approx. 5 X 10-* cm. Hg) on the 
McLeod gauge, they were replaced by Apiezon Oil B manometers for repeat 
determinations on two charcoals. No difference was found in the isotherms. 

At least two hour and often overnight periods were used in the measurement 
of each point of an isotherm. Six to nine points were determined on each of 
the adsorption and desorption branches for each charcoal. The isotherms 
were measured at 22.9 + 0.1°C. 


RESULTS AND DISCUSSION 

Acid Adsorption 

All the data fitted Langmuir isotherms, as is generally observed for this type 
of system (6, 10, 11). Hansen, Fu, and Bartell (6) have shown that porous 
sugar charcoal in constrast with nonporous carbons exhibits a Langmuir 
isotherm with a value of 1 for the maximum number of adsorbed layers. 
The maximum amounts of the various acids adsorbed by the two charcoal 
series are given in Table II. Included for convenience are the corresponding 
results obtained by Lemieux and Morrison (10). 


TABLE II 
MAXIMUM NUMBER OF MILLIMOLES ACID ADSORBED PER GRAM CHARCOAL 








Charcoal number (first series) 
Acid 
adsorbate 








Acetic 
Propionic 
Butyric 
Valeric 
Caproic 


Oxalic 
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Succinic 
Glutaric 
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Maximum adsorption occurs at about the following concentrations for the 
various acids: caproic—0.03 M, oxalic—0.09 M, malonic—4.8 M, succinic— 
0.5 M, glutaric—3.0 M, and adipic—0.05 M. 


Pore Size from Acid Adsorption 
The less activated members of the two charcoal series exhibit an inversion 
of Traube’s rule when it is applied to the maximum number of moles of mono- 
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carboxylic acid adsorbed. Although some workers (5, 8) interpret this by a 
capillary condensation mechanism, we interpret it on the basis of oriented 
unimolecular adsorption and a sieving of the molecules according to chain 
length. Moreover, the fact as seen in Figs. 2 and 3 that for the less activated 
charcoals the change in the amount adsorbed for successive acids is comparable 
to the absolute adsorptions suggests that most pores are comparable in size 
to the length of the acid molecules. This suggestion led to a method for estimat- 
ing the pore size of very finely porous carbon. 

Qualitatively, the results indicate that Charcoals 1, 2, and 1B have ‘‘an 
even distribution of pore sizes’ (10). On this basis, assume that the pores are 
like a set of open-ended regular cones; also assume vertical orientation of the 
monocarboxylic acids at the water-charcoal interface. The model is given in 
Fig. 1. The amount adsorbed will be proportional to the number of cones n, 





end side 


Fic. 1. Cone model of a charcoal pore. R—pore radius, —acid chain length, h—slant 
height of cone radius (R—/), c—“‘cutoft” radius. 


and the lateral area of the cones of radius (R—/) and slant height 4, where 
R = pore radius and / = acid chain length. Thus 


[1] Xm = knh m(R-l), 


where xm is the maximum number of millimoles adsorbed per gm. charcoal, 
and k is a proportionality constant. 

For different acid chain lengths, the change in x, for the same charcoal 
will be 


[2] dxm/dl = —knhr. 


Here, the product mh is assumed constant asa first approximation. By substitut- 
ing for nh in Equation [1] we obtain 


[3] R = 1—%m/(dxm/dl). 


In Figs. 2 and 3, the x» values have been plotted against acid chain length, 
the latter having been estimated from the liquid molar volume by assuming 
a common cross-sectional area of 24.3 A? for the acid molecules (19, 22). The 
pore radii given in Table III were obtained from plots similar to Figs. 2 and 3 
after a correction varying from 1.2 to 3.1% was made for the alternation 
effect (to be discussed later). This correction placed the first three acids, 
acetic to butyric, on the same straight lines respectively for Charcoals 1,2, 
and 1B, with valeric lying somewhat above in each case. 
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MOLECULAR LENGTH, A. 


Fic. 2. The change in maximum adsorption of monocarboxylic acids with chain length for 
the first charcoal series. 
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Fic. 3. The change in maximum adsorption of monocarboxylic acids with chain length for 
the B charcoal series. 
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The radii in Table III are the largest radii of the cones in the model, and 
depend on the molecular chain lengths chosen for the acids. In a later section 
it will be shown that these radii may be low by about 2A. 


TABLE III 
Pore rapit (A) OF CHARCOALS BY ACID ADSORPTION 








Charcoal number 








Acid 
1 2 3 1B 
Acetic 9.7 10.9 13.9 9.1 
Propionic 9.7 10.9 14.2 9.1 
Butyric 9.7 10.9 13.6 9.1 
Valeric 9.9 11.2 13.9 9.5 





The approximation assumption that the product ‘nh’ in Equation [1] is 
constant apparently has some validity because of the constancy of the radii 
of particular charcoals for the first three acids. If the product ‘nh’ is approxi- 
mately constant, then, on the cone model, either or both of two possibilities 
are suggested. The number of pores, ”, may be the same to all acids, in which 
case the apical angle would have to increase with increasing pore radius at 
such a rate as to keep # approximately constant, or, the apical angle may re- 
main constant, in which case the number of pores would have to decrease 
with increasing pore radius. 


Pore Radii from Water Adsorption 

The water vapor adsorption isotherms are most conveniently reported in 
Table IV. These data are taken from smoothed curves drawn through the 
experimental points when the amount adsorbed was plotted against the rela- 
tive water vapor pressure. 

The area of charcoal occupied by water rather than the weight adsorbed, 
at various relative pressures, was considered the more valid parameter by 
which to compare the water adsorption radii with the acid adsorption -radii. 
The distribution of pore areas for various pore radii was found in the following 
way. 

The equation of Kistler, Fischer, and Freeman (9), 


mn et dA _ 2.303RT | Po 
dW Mecos6 = P 


was applied to the desorption branch of the water isotherms (2). Here, A is 
the area occupied by W grams of water of molecular weight M, and surface 
tension g, at a relative pressure of P/P». R is the gas constant and the cos @ 
term was added by us to take account of the partial wettability of charcoal by 
water. The distribution of area with the weight of water was obtained by 
graphical integration. 

Following Fineman, Guest, and McIntosh (2) and Wiig and Juhola (23), 
the Kelvin equation was used to calculate the pore radius R at various relative 
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Fic. 4. The distribution of pore area with radius for the first charcoal series. 
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Fic. 5. The distribution of pore area with radius for the B charcoal series. 
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pressures, and thus at various adsorbed weights. In both expressions, the cos @ 
term for partial wettability was given the value of 0.65 following the work of 
McDermot and Arnell (12). Areas were connected to radii by their relations 
to the adsorbed weights. Then, by graphical differentiation of the plots of the 
cumulative areas at various pore radii (Milligan and Adams (15) did the same 
for weights), the area— pore radius distribution curves were obtained for 
each charcoal. These are given in Figs. 4 and 5. 

Two observations may be made. Confirming the qualitative picture of the 
pores of Charcoal 1 and 1B given by the acid adsorption results, it is seen that 
these charcoals have a fairly even pore size distribution. Also, the values of the 
radii from water adsorption compare reasonably well with those from acid 
adsorption. 


Water—Acid ‘Cutoff’ Areas 

The combined water and acid adsorption data give another confirmation of 
the proposed model. Contrary to the suggestion (4, 5) that the acids are 
leaving the water solution to fill the charcoal pores, density measurements 
(16) indicate that water from the binary mixture can penetrate further into 
the charcoal than any of the acids.‘ 

The areas reached by water were compared with those reached by the various 
acids. The latter were calculated by assuming vertical orientation and a 
cross-sectional adsorption area of 24.3 A? (10, 19, 22) for the acid molecules. 
The excess area penetrated by water compared with that penetrated by a 
particular acid was approximately the same for the first four charcoals of each 
charcoal series. The ‘‘cutoff’’ radii (at c in Fig. 1) corresponding to the excess 
water penetration areas were determined from the composite Kistler—Kelvin 
data and are given in Table V. The radii are the average of Charcoals 1 to 4 
and 1B to 4B. 


TABLE V 
“CUTOFF” RADII FOR WATER PENETRATION 





Acid Cutoff po. Acid chain length, 





A 
Acetic 6.5 +0.5 3.9 
Propionic 7.7+0.5 5.1 
Butyric 8.7+0.3 6.3 
Valeric 9.5+0.5 7.4 
Caproic 10.3 + 0.4 8.5 





The differences between successive ‘‘cutoff’’ radii are consistent with the 
differences in acid chain lengths. However, the “cutoff” radii are about 2A 
greater than the acid lengths. This is not unreasonable in such a dynamic 
system. If these radii are approximately correct, they increase the estimated 
acid pore radii given in Table III by about 2A. The revised values are more 


‘Such penetration would reduce the apparent selective acid adsorption but a calculation for the 
most extreme case, valeric acid solution on Charcoal 1, showed that the effect was about 8% which ts 
within the experimental error. 
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compatible with the water radii results, considering that the acids give 
external pore radii. 
Alternation in Acid Adsorption 

Alternation in the maximum adsorption of the successive members of the 
monocarboxylic series to valeric acid was observed for Charcoals 5 to 7 
(Fig. 2) and Charcoals 3B to 7B (Fig. 3). The dicarboxylic acids exhibited a 
much more marked alternation in adsorption, as shown in Fig. 6. These 
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Fic. 6. The change in maximum adsorption of dicarboxylic acids with number of carbons 
in the chain for the first charcoal series. 


observations greatly extend earlier ones made by Linner and Gortner (11) 
for the same acids on a single Norite charcoal. In their case, the monocarboxylic 
acids showed a slight alternation, without alternately larger and smaller values, 
while the dicarboxylic acids gave sufficient alternation to exhibit such a 
fluctuation. However, the authors remarked that “the results in themselves 
are not particularly striking’’. 

The alternation increases with increasing charcoal activity. In the lesser 
activated charcoals, the alternation is markedly reduced, being practically 
non-existent for the monocarboxylic acids, but still quite definite for the 
dicarboxylic acids. Apparently for these charcoals progressive sieving of the 
longer molecules masks the alternation effect, and where the alternation is less 
marked as in the case of the monocarboxylic acids, the effect becomes negli- 
gible. However, alternation is not really absent even for Charrnale 1 ond 1R 
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and corrections were made for the effect when the pore radii were estimated 
from the acid adsorption data. 

Alternation in many of the physical properties of a number of long chain 
homologous series of compounds is well known and appears to be a characteris- 
tic of the solid state (18). In Fig. 7, the adsorptions of the two acid series on 
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Fic. 7, A comparison of the alternation in melting points of mono- and di-carboxylic acids 
with their maximum adsorptions by Charcoal 7. 


Charcoal 7 are compared with their melting points (3, 18). The scales of the 
two acid series were displaced so that each series would appear separately. 
The arbitrary elements in the figure are the adsorption and temperature 
scales which were adjusted so that a successive pair of acids approximately 
overlapped. However, the scale intervals are respectively the same for each 
acid series pointing to a remarkable correlation between the alternations 
in adsorption and in melting point. 

On the basis of X-ray evidence, Malkin (13) suggests that alternation is 
a property of crystals with tilted molecular chains, ‘‘alternate planes of odd 
chains being less closely packed’’ than those of even chains. In support of his 
explanation is the fact that the dicarboxylic acid chains have an unusually 
large tilt in their crystals (1). Malkin’s hypothesis requires association of 
the molecules along the long axis of the chain. However, the present adsorption 
results do not point to such association on the carbon surface. The internal 
consistency of the results appears to rule out that any mixture of associated 
and unassociated molecules is adsorbed. Dimers or higher associations may be 
ruled out by the calculations which, by assuming monomers, gave pore radii 
from the acid adsorptions that were consistent with those obtained from 
water vapor adsorption. Also, the monocarboxylic acids in water solutions 
give normal freezing point depressions (7). The molal freezing point of oxalic 
acid is 3.40°C. at 0.02 molal concentration and that of succinic 1.99° at 0.01 
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molal. So that although the aliphatic acids are known to associate in nonpolar 
solvents (18), they do not do so in water. Thus, it is difficult to reconcile the 
present observations with Malkin’s explanation, and we must seek an alterna- 
tive one. In fact, Malkin’s hypothesis has been ‘‘vehemently criticized” as 
Smith has pointed out in his review (21). 

Referring to Charcoal 7 in Fig. 6, the straight line drawn through oxalic, 
succinic, and adipic acids is nearly parallel to that drawn through malonic 
and glutaric acids. The same holds approximately for Charcoals 4 to 6. Since 
Charcoal 7 probably is equally open to all the acids with the possible exception 
of caproic, it appears that the addition of two methylene groups to the acid 
chain increases the molecular adsorption area (or section area) by a constant 
amount. However, the addition of one methylene group either decre’ ses or 
increases the section areas by a much larger but also approximately cu. re 
amount. 

Quantitatively, the addition of one methylene group as such (calculated 
for Charcoal 7 and with a cross sectional area of 24.3 A? per molecule) increases 
the section area by about 2.4 A®. On the other hand, the fluctuations cause 
changes in the section areas of 12.3 A? per fluctuation. It would appear that 
alternation is a reflection of the amount of space occupied by the carboxyl 
groups on the carbon surface, which in turn may be determined by their rela- 
tive orientation in the chain. 

In other words, the even acids in which the terminal wadiaaail groups are 
trans to each other fit together closer than the odd acids in which the carboxyls 
are cis. The basic reason for this may have very little to do with tilt, but 
rather may be due to rotation of the chains along their long axis. It seems 
reasonable that the cis arrangement would sweep out larger areas than the 
trans arrangement. A similar explanation may apply to melting point alterna- 
tion. 

In the case of the monocarboxylic acids the similar but smaller effect would 
be explained by the fact that one of the terminal groups is smaller-—a methy} 
replacing a carboxyl group. 

Rotation of molecules in the solid state is not an uncommon phenomenon. 
Pauling says that “‘in general it is to be expected that rotational motion of 
molecules and complex ions of sufficiently low moment of inertia will set in 
below the melting point of the crystals’ (17). Moreover, he points out that 
“the moment of inertia along a staggered chain about an axis along the chain 
would be very small’’. Further, Rideal and Tadayon (20) have shown the 
ease of motion of aliphatic acids in the solid state. 

The rotational hypothesis is better able to account for the much greater 
alternation of the acids of shorter chain length (18) than is Malkin’s hypo- 
thesis. The longer the chain, the more readily it will be able to accommodate 
cis rotations, and the less the carboxyl groups will dominate the rotational 
motion. Over a certain range of chain lengths we might expect a transition 
from one dominant type to the other. Such a transition is very apparent in 
the case of the monocarboxylic acids, both from melting point and adsorption 
evidence. 
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Caproic Acid 

Caproic acid behaves anomalously compared with the lower monocarboxylic 
acids. At higher charcoal activities, its adsorption falls off sharply, as shown 
in Figs. 2 and 3. Linner and Gortner (11) observed a similar falloff in the 
adsorption of caproic acid on Norite charcoal. A possible explanation may be 
that its molecular chain length is sufficient to be sieved appreciably even by 
the highly activated charcoals. 

An alternative explanation is suggested by the adsorption of caproic acid 
on Charcoals 1 and 2. In Fig. 2, the falloff in adsorption is not as great as would 
be expected from caproic acids behaviour with the other charcoals. This may 
mean that caproic acids’ is partially curled up, thus reducing its effective chain 
length and permitting it to penetrate finer pores. At the same time, the 
concomitantly higher molecular adsorption area would reduce the number of 
moles adsorbed. 

The anomalous adsorption behavior of caproic acid is paralleled by its 
melting point behavior. In a plot of the melting points of the monocarboxylic 
acids (3) against the number of carbons, a straight line drawn through valeric 
acid parallel to the melting point axis divides the plot into two parts which 
are approximately mirror images. Thus, while valeric acid is the last member 
of one group, caproic acid is the first member of the other group of acids. 
Considering the close parallel already observed between the alternations in 
adsorption and melting point, it is not surprising to find caproic acid behaving 
anomalously. On the basis of the rotational hypothesis given above, it is 
suggested that over the interval valeric to caproic acids, molecular rotation 
in the crystal changes from carboxyl dominance to hydrocarbon chain domi- 
nance. 
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THE RATE OF ADSORPTION OF SOME LOW BOILING 
GASES ON A MODIFIED SARAN CHARCOAL! 


By J. R. Dacey anp D. G. Tuomas? 


ABSTRACT 


The pyrolysis at 300°C. of vinylidene chloride monomer adsorbed on Saran 
charcoal alters the pore structure of the charcoal so that low boiling gases such as 
nitrogen are adsorbed slowly. The rates of adsorption of nitrogen, argon, and 
methane have been measured. They were found to vary with pressure and tem- 
perature, and from the temperature variation an activation energy may be cal- 
culated. A new method of determining this energy is described which involves 
changing the temperature during only one adsorption experiment. 


INTRODUCTION 


Previous work had shown that pressed Saran (polymerized vinylidene 
chioride) gave, when pyrolyzed im vacuo, a porous charcoal in which the pores 
were comparable in size with the size of simple hydrocarbon molecules (3). 
The pores were not cylindrical for although large bulky molecules such as 
neopentane were only adsorbed slowly, flat molecules such as benzene were 
adsorbed very rapidly as were thin molecules such as m-pentane. It seemed 
therefore as though there were slot-like constrictions in the charcoal, perhaps 
arising from the presence of graphitic platelets. The molecules which were 
adsorbed slowly diffused into the charcoal by an activated process, and the 
energy of activation, E, could be measured. It was suggested that E corre- 
sponded to the energy required to move a molecule from one position to 
another over the carbon surface, though for larger molecules, the energy 
required to squeeze through a small constriction may also play a part. Un- 
fortunately the kinetic experiments, which were performed at temperatures 
ranging trom about — 50°C. upwards, were not always precisely reproducible 
even with consecutive runs on the same piece of charcoal. After each run it was 
necessary to heat the charcoal in order that the desorption should occur in a 
reasonable time, and it was thought that changes in the charcoal might take 
place during this heating, accounting for the irreproducibility To offset these 
difficulties an attempt was made te block the interstices of the charcoal to a 
controlled extent, so that smaller and lighter molecules would be adsorbed 
slowly at low temperatures, desorption occurring at room temperature. The 
charcoal was successfully blocked, but the behavior was still not reproducible. 
At the same time a modified method of determining E during one adsorption 


run was devised. 
EXPERIMENTAL 
Materials 


Charcoal 


Saran charcoal was prepared in the manner previously described (3). 
Oxygen was used initially in an attempt to block the charcoal, which was 


1Manuscript received September 16, 1954. 

Contribution from the Department of Chemistry, Royal Military College of Canada, Kingston, 
Ontario. This paper was presented at the Symposium on Problems Relating to the Adsorption of 
Gases by Solids, held at Kingston, Ontario, September 10-11, 1954. 

*Present address: Bell Telephone Laboratories, Murray-Hill, New Jersey, U.S.A. 
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hung from a quartz spiral and heated at 300°C. in an atmosphere of oxygen. 
There was, however, no change of weight and the sorption of benzene was still 
very rapid, so the method was abandoned. 

Monomeric vinylidene chloride was adsorbed rapidly at room temperature. 
By pumping at 300°C. all the monomer was desorbed. But if the charcoal was 
heated at 300°C. in the presence of excess monomer vapor for an hour or so, 
some reaction took place, for pumping did not then remove all the monomer. 
Further heating and pumping caused further weight loss. One such sample 
with a 10% weight increase adsorbed benzene at a measurable rate (10% of 
the weight of the sample adsorbed in 25 min.) and gave a saturation value of 
0.29 cc./gm. assuming the adsorbate to have the normal liquid density. 
Heating to redness essentially restored the charcoal to its original condition. 
Another piece, treated so that the weight increase was only 7%, adsorbed 
n-hexane more slowly (5% in one hour) than benzene (5% in 22 min.) at 
20°C., and 2-methyl-pentane not at all. 

Sample No. 3, on which most of the work was done, was heated at 300° in the 
presence of monomer for four and one-half hours and after pumping at 500°C. 
for 20 min. there was a weight increase of 16%. In this condition even nitrogen 
was not adsorbed at liquid air temperature and so the sample was pumped at 
red heat for five minutes, reducing the weight increment to 11%. Nitrogen 
was now slowly adsorbed at 90°K. (3% in one hour), but although desorption 
took place within a few minutes at room temperature the rate of adsorption 
steadily decreased from run to run. One per cent was adsorbed in 11 min. in 
the first run, but the third run required 19 min. to adsorb the same amount. 

A further pumping at red heat for 10 min. reduced the weight increment to 
9.0% and speeded the adsorption of nitrogen. Except for occasional heatings 
at 300°C., which increased the rate of adsorption without affecting the weight 
of the charcoal, the sample was examined in this condition. 

Nitrogen —- was commercially obtained 99.99% pure. 

Methane — was commercially obtained 99.7% pure. 

Argon — was commercially obtained 99.99% pure. 

Benzene — was Analar grade dried with phosphorus pentoxide. 


Apparatus and Procedure 


The techniques used were similar to those described in a previous paper (3). 
About 0.07 gm. of charcoal was suspended from a quartz spiral, and the ad- 
sorption was followed by measuring the increase in length of the spiral. The 
extension of the spiral was 15 cm. for the original 0.07 gm. of charcoal. Pres- 
sures were measured with a mercury manometer. For pressures above one 
atmosphere a large manometer was used and taps were held in with special 
clamps. As the quantity of gas adsorbed during a run was small compared 
with the amount in the apparatus, the pressure remained virtually constant. 

Temperatures were measured with a platinum resistance thermometer 
calibrated at the National Bureau of Standards. Commercial oxygen and 
nitrogen were liquefied, and when the liquefied gases were mechanically stirred 
in a Dewar Flask, they were found to remain at a constant temperature, to 
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within +0.01°, over the period necessary to measure the rate of adsorption 
(about one hour). For temperatures slightly above the boiling point of liquid 
oxygen a Dewar Flask of Freon 12 was manually thermostatted by dropping 
liquid air into a copper tube immersed in the stirred Freon. Solid carbon 
dioxide and a bath of acetone cooled by occasionally adding solid carbon 
dioxide was also used as a thermostat. With the manually controlled thermo- 
stats the temperature control was only good to +0.1° but was adequate for 
our purpose. 

The rate of adsorption increased rapidly with temperature and as before it 
was concluded that an activated diffusion process was the rate controlling 
factor. The activation energy, E, could be obtained by plotting the logarithms 
of the slopes of the initial straight part of the plot of amount adsorbed versus 
the square root of the time against the reciprocal of the absolute temperature. 
However, since the desorption process which was carried out at room tempera- 
ture seemed to cause some change in the charcoal it was thought desirable to 
obtain the E value by changing the temperature during a run. This method of 
determining E was developed and tested for validity using neopentane on 
ordinary Saran charcoal as is described below. 


The Determination of E by Changing the Temperature During One Run 


For the initial stages of adsorption, that is before an appreciable quantity of 
the diffusing material has arrived at the center of the adsorbate, it can be shown 
that, 


(1] Q = kC, Dist 


where Q is the total quantity of material adsorbed, k& is a constant, Co is the 
surface concentration, D is the diffusion constant, and ¢ is the time of adsorp- 
tion (1, 2). 

Consider now two runs performed at temperatures 7, and Ts. In Fig. 1 
we see using equation [1], 


Qy = kCo,D4 th, = kCo,D} th, 


Q — R°Co,Data, = k°Co,Dats,. 
Similarly 
Qi = k°Co,Data, = k’CogDats,. 


We thus have two values for Q,2—Q,? at temperatures 7, and T, and we 
may equate these: 
R*Co,Da(ta,—ta,) = k°Co,Da(ts.—ts.) 
or if 


Co, = Coy 


[2] Ds = ts,—ts, as 1/ta, 


Deg tata, 1/78 
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where t4 and rg are the times required to adsorb between the limits Q, 
and Q, at the temperatures 7, and 7, respectively. 

Suppose now that we begin the adsorption at 7, until Q is reached (Fig. 1), 
and at Q abruptly change the temperature to T,4. We may then observe the 





Q, 











time 74 required for adsorption from Q, to Q, at T4, and we may safely predict 
the time rg by extrapolating the initial straight line plot at temperature T,. 
The energy of activation for the diffusion process may now be obtained from: 


a Ji) .1), 
OS” 23R\T. To 


It is apparent that so long as we remain in the region for which equation [1] 
is valid, several temperature changes may be made and the same analysis 
applied. 

It was observed that for neopentane the rate of adsorption changed 4% on 


changing the relative pressure at constant temperature from 0.1 to 0.2. When 
the relative pressure was increased from 0.2 to 0.9 the rate increased by only 
2%. We therefore conclude that above a relative pressure of about 0.2 when 
adsorbing hydrocarbons the surface approaches saturation and Cy remains 
almost constant. With neopentane our measurements were made with a 
relative pressure above 0.2. With nitrogen the saturation concentration is not 
closely approached until higher relative pressures are reached. This is discussed 
further below. 








| ! l 
2 4 7 6 


Pascas 2. The rate of adsorption of neopentane. The temperature was changed twice during 
the run. 
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This method was tested for the adsorption of neopentane on Saran charcoal. 
The results are plotted in Fig. 2. The first portion of the curve was obtained 
at 0°C. and this straight line was extrapolated to higher values of x/m, the 
ratio of the weight of the adsorbent to adsorbate. After 12 min. the tempera- 
ture was increased to 9.9°C. 79° and r9.9° were taken between the values of x/m 
of 0.025 and 0.035. A third portion of the curve was obtained by increasing the 
temperature to 19.9°C. after 32 min. 70° and r19,9° were now obtained between 
x/m = 0.045 and x/m = 0.055. The & calculated from the first and second 
parts of the curve was 7700 cal./mole, and that calculated from the first and 
third was 7600 cal./mole. In most such cases the E values agreed to within 5%. 
For satisfactory results it was necessary to have fairly slow adsorption so that 
the x/m values used were less than 0.3 of the saturation value. Best results 
were obtained if the temperature changes did not exceed 10°C. 


RESULTS 


We have already indicated that by suitable treatment with monomeric 
vinylidene chloride the charcoal could be blocked to different degrees and that 
the adsorption in these different states was controlled by the shape and size 
of the adsorbed molecules. 

Sample No. 3, after treatment with the monomer as described above, was 
saturated with nitrogen at 90.4°K. and gave 0.29 cc./gm. as the available pore 
volume assuming the nitrogen to have the normal liquid density. In the 
untreated charcoal the corresponding figure is 0.46 cc./gm. Since during its 
treatment with monomer the original charcoal had increased its weight by 
about 0.1 gm./gm., and as one may assume that the density of the material 
remaining in the charcoal is of the order of unity, we conclude that the adsorbed 
monomer does not block off large volumes but rather only blocks off that vol- 
ume which it occupies, this being consistent with the picture of slot-like pores 
offered in the previous paper (3). This is supported by the behavior of benzene 
on another piece of charcoal which had also adsorbed about 0.1 gm./gm. The 
volume available to benzene was 0.28 cc./gm., whereas the original charcoal 
had 0.40 cc./gm. available to benzene. 

The experiments described below were carried out on sample No. 3 which 
adsorbed nitrogen slowly and benzene and larger molecules not at all. 
Nitrogen 

For nitrogen the variation of Co with relative pressure was investigated in 
some detail. The pressure was changed in the middle of the run but the tem- 
perature was not altered; the time of passage between two values of x/m was 
determined in a manner similar to that described above. From the relation 
t4/Ta = Ci,D4/CipDs assuming that the coefficient of diffusion is indepen- 
dent of pressure, we can arrive at a relative value of Cy, at the two pressures. 
A typical run is shown in Fig. 3. By several such experiments at a series of 
overlapping pressures it is possible to build up a relative isotherm. Such an 
isotherm is shown in Fig. 4 which was calculated from data obtained at — 183°C. 
except for one run at — 196°C. where the relative pressure was changed from 
0.29 to 0.99. It is seen to be of the Langmuir type without a large uprising as 
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Fic. 3. The rate of adsorption of nitrogen. The pressure was changed during the run. 
Fic. 4. The relative isotherm for nitrogen on the outer surfaces. 


b/p° approaches unity. At p/p° = 0.2 the surface was found to be only 75% 
saturated so it seemed best for the determination of E to makerunsat different 
temperatures with p/p° close to unity where the surface concentration should 
remain reasonably constant if the differences in temperature were not too 
great. The results of several such runs together with other runs in which p/p® 


did not equal unity are presented in Table I. A typical experimental run is 
shown in Fig. 5. 


TABLE I 
ADSORPTION OF NITROGEN, ARGON, AND METHANE ON SAMPLE 3 








E, Slope of x/m 
1 2 at 7: at T2 cal./mole against fat 7; 


Temperatures, °K. Relative pressure 
T 





Heat of liquefaction of nitrogen at its b.p. = 1330 cal./mole* 


76.98 : 1340 
77.03 : 1410 
77.05 

76.96 

77.19 

77.02 

77.06 : 
76.89 90.09 
76.89 90.05 
76.97 90.12 





woes 
BERSE 


S8sB 





Heat of liquefaction of argon at its b.p. = 1500 cal./mole 


33 76.87 90.09 0.96 0.97 
38 76.91 90.22 0.96 0.97 








Heat of liquefaction of methane at tts b.p. = 2210 cal./mole 


34 194.75 215.17 16.2cm. 74.5 cm. 7160 
35 194.71 215.27 44.0cm. 74.0cm. 2880 
37 116.20 129.20 p/p? = .90 p/p® = .89 4350 








*Heat of adsorption on Saran charcoal at saturation pressure = 3200 cal./mole (8). 


Argon 


Argon at liquid nitrogen and oxygen temperatures was adsorbed at a rate 
comparable with the rate at which nitrogen was adsorbed. In Table I are given 
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Fic. 5. The rate of adsorption of nitrogen. The temperature was changed during the run 
while the surface concentration remained constant. 





the results of two runs on Sample 3. Between these runs methane had been 
adsorbed and the charcoal had been heated to 400°C. which had caused a loss 
in weight of 0.3%. A saturation value at 90.09°K. gave a pore volume of 0.26 
cc./gm., assuming the normal liquid density for the adsorbed argon. This is in 
fair agreement with the nitrogen value. 


Methane 

Methane was adsorbed slowly. At first adsorption was studied above the 
critical temperature of methane (190.7°K.), then near its boiling point 
(111.7°K.). The results are given in Table I. 


DISCUSSION 


When vinylidene chloride is adsorbed on Saran charcoal it may be removed 
readily by pumping at room temperature and therefore does not polymerize. 
However, if the system is heated to 300°C. it cannot be removed. The adsorbed 
vinylidene chloride therefore polymerizes inside the capillaries of the charcoal. 
This polymer on further heating undoubtedly loses hydrogen chloride and would 
no doubt all eventually decompose leaving only carbon. 

The additional carbon—polymer complex does not block off large voids in the 
original carbon because as was shown above the total pore volume was reduced 
by an amount roughly equivalent to the space required for the weight increase 
observed. 

The carbon-polymer complex probably blocks off many of the entrances 
into the porous structure of the original carbon. At the same time the many 
entrances which must remain unblocked are reduced in size. This is clear from 
the fact that on the original charcoal both nitrogen and benzene were rapidly 
taken up while on the modified sample nitrogen was taken up slowly but ben- 
zene not at all. We therefore conclude the modification carried out as described 
above alters the slot-like constrictions which existed in the original sample, 
probably closing some of them completely while reducing the size of the others 
so that a benzene molecule cannot enter while a methane molecule can. 

Unfortunately, a carbon with pores so small that small molecules could be 
adsorbed slowly at low temperatures and desorbed at room temperature did 
not overcome the difficulty of subtle changes occurring which altered the rates 
of adsorption from run to run. This phenomenon was attributed, in the case of 
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ordinary Saran charcoal, to the heating necessary for desorption but it appears 
now that the act of adsorption and desorption without heating above room 
temperature is sufficient to bring about small structural changes in the 
adsorbent. 

However, despite this difficulty, methods were devised as described above, 
which make it possible to estimate the value of the energy of activation. The 
E values for nitrogen cannot be said to be entirely consistent though except 
for run 25 it appears that when the relative pressure is high, so that the changes 
in surface concentration brought about by the temperature changes are not 
great, E has a value of approximately 2000 cal./mole. For those runs in which 
the relative pressure has been kept nearly constant, at the two temperatures, 
at a comparatively low value, the E values are below 2000 cal. Presumably 
this is because the increase in temperature at the low coverage produces a large 
decrease in surface concentration which is not fully compensated for by the 
increase in pressure. This is to be expected if the heat of adsorption at low 
surface coverage is greater than the heat of vaporization of the liquid. 

In considering the data on argon it must be noted that between runs 33 
and 38 methane had been adsorbed and the charcoal had been heated to 400° 
which had caused a 0.3% loss of weight. This treatment seems to have sub- 
stantially altered the adsorption kinetics. E has increased and the rate de- 
creased, however, if E alone had changed, the slope of the x/m vs. +/t plot 
should have decreased by a factor of 1300 where in fact it has only decreased 
by a factor of 5.3. It seems that although in run 38 the diffusion process re- 
quires a higher activation energy the steric limitations have become much less 
stringent. 

Considering Table I, the data on methane, the first two runs show that at 
low coverage the surface concentration is very sensitive to temperature 
changes, which is to be expected since at low coverage the heat of adsorption 
will be high. Thus the E values for these runs are of little significance, but for 
run 37, in which the pressures were kept near the saturation pressure, the E 
value should be more meaningful. 
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DEDOUBLEMENT DES a- ET 8-HYDROXYLAUDANOSINES! 


PaR JEAN-LouIS FERRON ET PHILIBERT L’ECUYER 


SOM MAIRE 


Les hydroxylaudanosines, a- et B-, ont été dédoublées en leurs énantiomorphes 
et les constantes physiques de ces derniers déterminées. Dans des conditions 
identiques le papavérinol ne s'est pas dédoublé en ses antipodes optiques; au 
contraire, il a donné de la papavéraldine lors des essais de dédoublement avec 
les acides d-tartrique, /-malique, et d-camphresulfonique. 


INTRODUCTION 


Le papavérinol (II) et les hydroxylaudanosines (III) sont obtenus, le 
premier par l’oxydation de la papavérine (I) et les derniéres par la réduction 
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du méthochlorure de papavérinol (4). Ils possédent respectivement un et deux 
carbones asymétriques laissant ainsi prévoir l’existence de deux et de quatre 
isoméres optiques. Les quatres énantiomorphes des hydroxylaudanosines 
réunis deux 4 deux donnent deux formes racémiques connues sous le nom 
d’a- et de 8-hydroxylaudanosines. D’autre part le papavérinol se présente 
également a |’état racémique. Le but du présent travail était de dédoubler ces 
diverses formes racémiques. 

Parmi les multiples procédés utilisés pour le dédoublement des substances 
racémiques nous avons choisi la méthode de Ingersoll (2) qui se préte le mieux 
au dédoublement de I’une ou l'autre des trois catégories de formes racémiques 
possibles. Par cette méthode nous avons dédoublé |’a- et la 8-hydroxylaudano- 
sine en utilisant les acides d- et d/-tartriques comme agents de dédoublement. 
Ce méme procédé appliqué au papavérinol avec les acides d-tartrique, /- 
malique, et d-camphresulfonique n’a permis I'isolement d’aucun sel. Le dé- 
doublement ne s'est pas effectué. Une base de p.f. 210°C. a cependant été 
obtenue lors des essais de dédoublement avec les deux premiers acides et c'est 
la méme qui précipite dans les deux cas; car il n’y a aucun abaissement du 
point de fusion si on mélange les deux échantillons en proportions égales. Cette 
substance posséde une fonction cétonique comme le montre la formation d’une 


CH;0 
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2,4-dinitrophénylhydrazone. Elle a été définitivement identifiée comme étant 
la papavéraldine. Comme le point de fusion du méthiodure du composé isolé 
(148-150°C.) différait considérablement de celui qui est donné par Menon 
(5), nous avons synthétisé la papavéraldine selon la méthode de Taylor (6) 
et préparé son méthiodure. Son p.f. est bien 148-150°C. et il ne varie pas 
lorsqu’on mélange le méthiodure avec celui qu’on obtient 4 partir de la base 
isolée au cours des essais de dédoublement du papavérinol. 

Cette transformation du papavérinol en papavéraldine est sans doute due a 
une oxydation atmosphérique du genre de celle que subit la dihydroyobyrine 
pour donner la yobyrone (3). 

Les pouvoirs rotatoires ont été déterminés sur des solutions 4 1% pour le 
d-tartrate de la d-a-hydroxylaudanosine, le /-tartrate de la /-a-hydroxy- 
laudanosine, le d-tartrate de la d-8-hydroxylaudanosine, et le /-tartrate de la 
]-8-hydroxylaudanosine ainsi que pour les bases optiquement actives obtenues 
par la neutralisation de chacun de ces sels et les pouvoirs rotatoires spécifiques 
ont été calculés. 


PARTIE EXPERIMENTALE 


Dédoublement de l'a-hydroxylaudanosine 

De |’a-hydroxylaudanosine (4.00 g., 0.011 mole) et de l’acide d-tartrique 
(1.605 g., 0.011 mole) sont dissous dans I’alcool éthylique absolu (40 ml.) a 
l'ébullition. Par refroidissement 4 la température ambiante on obtient une 
gomme dont la-cristallisation s’amorce lentement et se continue pendant 
une semaine. Le d-tartrate bien cristallisé est alors filtré, lavé avec quelques 


millilitres d’alcool absolu, et le filtrat (a) mis de c6té pour |’isolement de l'autre 
isomére. Le sel (4.965 g.) est cristallisé une premiére fois dans l’alcool 4 85% 
(50 ml.) contenant un peu d’acide d-tartrique pour empécher la dissociation 
du sel et laiss¢ pendant une semaine a la température ordinaire en contact 
avec les eaux-méres. Les cristaux sont alors filtrés et le filtrat (b) est ajouté au 
filtrat (2). Le d-tartrate de la d-a-hydroxylaudanosine (2.145 g.) est lavé avec 
quelques millilitres d’alcool éthylique 4 85% et recristallisé dans le méme 
solvant (30 ml.). Cette deuxiéme cristallisation fournit le sel pur de p.f. 208- 
209°C. Rendement: 60% (1.68 g.). Calculé pour C2:H27O5N . CaH Og: C, 57.4%; 
H, 6.4%. Trouvé: C, 57.5%; H, 6.3%. [alp = +76.2° (c, 1.004 dans l'eau). 
Le sel est ensuite dissous dans I’eau (35 ml.) et la solution rendue alcaline par 
addition d’un excés de soude 3N. La base précipite et fournit aprés une cristal- 
lisation dans Il’alcool absolu (6-7 ml.) la d-a-hydroxylaudanosine pure de 
p.f. 151°C. Rendement: 60% (1.19 g.). [alp = +84.2° (c, 1.057 dans le chloro- 
forme). 

Les filtrats réunis (a et 6) sont évaporés a sec sur bain-marie, le résidu est 
dissous dans l'eau (30-35 ml.), et {a solution alcalisée par un excés de soude 3N. 
La base précipitée est extraite au chloroforme. La solution chloroformique est 
séchée, filtrée, puis évaporée a ser sur bain-marie. Le résidu (2.84 g., 0.007 mole) 
est traité a l’ébullition par de i'acide di-tartrique (2.28 g., 0.014 mole) dans 
l'alcool absolu (20 mil.). Par refroidissement, un sel cristallise. On le laisse 
séjourner une semaine a la température ambiante. Le /-tartrate (3.32 g.) est 
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ensuite filtré, lavé avec quelques millilitres d’alcool 4 85% (35 ml.) contenant 
un peu d’acide d/-tartrique. Recristallisé dans l’alcool 4 85%, le /-tartrate de la 
l-a-hydroxylaudanosine est obtenu a |’état pur, p.f. 207°C. Rendement: 52% 
(1.49 g.). [alo = —75.9° (c, 1.001 dans l’eau). Le sel est ensuite dissous dans 
l’eau (35 ml.) et la solution neutralisée 4 la soude N. La base qui précipite est 
filtrée et lavée a l’eau. Une cristallisation dans |’alcool (4-5 ml.) donne la 
l-a-hydroxylaudanosine pure de p.f. 151°C. Rendement: 47% (0.95 g.). 
Calculé pour CyH270,N: C, 67.5%; H, 7.3%. Trouvé: C, 67.6%; H, 7.1%. 
[alp = —86.4° (c, 1.209 dans le chloroforme). 

Un mélange a parties égales des deux inverses optiques, la d- et la /-a- 
hydroxylaudanosine, a un p.f. de 138°C. qui est le p.f. de la base racémique, 
l’a-hydroxylaudanosine. 


Dédoublement de la B-hydroxylaudanosine 

On procéde avec les mémes quantités de substances exactement comme 
précédemment lors du dédoublement de |’a-hydroxylaudanosine. Le d- 
tartrate de la d-8-hydroxylaudanosine (3.32 g.) précipite d’abord. Une pre- 
miére cristallisation dans I’alcool absolu (35 ml.) et une deuxiéme dans I’alcool 
éthylique 4 95% (30 ml.) fournit le sel pur de p.f. 190-191°C. Rendement: 
61.5% (1.76 g.). [alp = —19.5° (c, 1.000 dans l’eau). 

La base obtenue par neutralisation du sel est cristallisée une fois dans 
l’alcool 4 50% (10 ml.) et donne la d-8-hydroxylaudanosine pure de p.f. 104°C. 
Rendement: 47% (0.94 g.). Calculé pour CaH27OsN: C, 67.5%; H, 7.3%. 
Trouvé: C, 67.2%; H, 7.3%. [alp = +11.2° (c, 1.030 dans le chloroforme). 

Le /-tartrate est obtenu par l’action de l’acide di-tartrique (1.74 g., 0.012 
mole) sur la base /-impure (2.16 g., 0.006 mole) dans I’alcool absolu (15 ml.). 
Le sel qui se dépose par refroidissement est laissé au contact des eaux-méres 
pendant une semaine a la température ambiante. Le sel (1.82 g.) est ensuite 
filtré et lavé avec quelques millilitres d’alcool absolu. Aprés une cristallisation 
dans I’alcool 4 90% (25 ml.) il donne le /-tartrate de la /-8-hydroxylaudanosine 
pur de p.f. 189-190°C. Rendement: 50.5% (1.44 g.). Calculé pour CaH270;N. 
C,H.O¢: C, 57.4%; H, 6.4%. Trouvé: C, 57.1%; H, 6.4%. [alp = +20.0° 
(c, 1.000 dans l’eau). 

L’alcalisation de la solution aqueuse du sel par la soude 3N donne la /-8- 
hydroxylaudanosine. Celle-ci aprés une cristallisation dans Il’alcool 4 50% 
(8-10 ml.) est pure et a un p.f. de 103°C. Rendement: 34% (0.68 g.). [al 
= —12.3° (c, 1.056 dans le chloroforme). 

La détermination du point de fusion d’un mélange a parties égales des deux 
antipodes, la d- et la /-8-hydroxylaudanosine, donne 109°C. qui est le pf. 
de la 8-hydroxylaudanosine racémique. 


Essais de dédoublement du papavérinol 

Du papavérinol (1.121 g., 0.003 mole) et de l’acide d-tartrique (1.00 g., 
0.006 mole) sont dissous dans |’alcool éthylique absolu (10 ml.) a 1’ébullition 
et laissés 4 la température ambiante durant quatre mois. Le produit cristallin 
qui s'est alors déposé est filtré, lavé avec quelques millilitres d’alcool absolu, 
et séché. Cette substance (0.46 g.) insoluble dans l'eau et soluble dans le chloro- 
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forme donne par cristallisation dans le dioxane (5 ml.) un produit (0.28 g.) 
de p.f. 210°C. Un autre essai a partir de 2.0 g. de papavérinol et de 0.946 g. 
d’acide d-tartrique a donné aprés 22 jours 0.463 g. de produit brut. Si cepen- 
dant l’acide /-malique (0.38 g. pour 1.0 g. de papavérinol) est employé, la 
quantité du produit de p.f. 209°C. obtenu n’est que de 0.10 g. La méme sub- 
stance a été isolée au cours de ces trois essais. C’est ce qu’ont montré les déter- 
minations de points de fusion mixtes. Cette substance basique forme une 
2,4-dinitrophénylhydrazone de p.f. 250-251°C. Calculé pour C2.H2,O,N3: 
C, 58.38%; H, 4.7%. Trouvé: C, 58.3%; H, 4.4%. C’est donc une cétone. Un 
méthiodure de p.f. 148-150°C. (déc.) a également été préparé. II cristallise 
dans I’alcool éthylique. Calculé pour C2H2,0;NI: C, 50.7%; H, 4.8%. Trouvé: 
C, 50.1%; H, 4.6%. 

Comme le point de fusion (148-150°C.) du méthiodure ne correspondait pas 
a celui (133-135°C.) qui est donné par Menon (5), de la papavéraldine a été 
préparée par la méthode de Taylor (6). Cette papavéraldine synthétique a 
également un p.f. de 210°C. seule ou mélangée au composé isolé. Le point de 
fusion de son méthiodure est aussi le méme que celui du méthiodure de la base 
isolée, soit 148-150° (déc.), et il n’est pas affecté par le mélange des deux sels. 
Calculé pour la papavéraldine C29H1,0;N: C, 68.0%; H, 5.4%. Trouvé pour 


le composé isolé: C, 67.7%; H, 5.9%. Il s’ensuit donc que la base isolée est la 
papavéraldine. 
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KINETICS OF THE CUPRIC ACETATE CATALYZED 
HYDROGENATION OF DICHROMATE IN AQUEOUS SOLUTION! 


By E. PETERS AND J. HALPERN 


ABSTRACT 


In aqueous solution, cupric acetate was found to act as a homogeneous 

catalyst for the reduction of dichromate by hydrogen, i.e. 
Cr-0;-- + 3H: + 8H* >2Cr*t++ + 7 HO. 
{Cu(OAc)3] 

The paper describes a kinetic study of this reaction. Rates were determined 
at temperatures between 80° and 140°C. and hydrogen partial pressures up to 
27 atmospheres. The rate is independent of the dichromate concentration but 
varies directly with the partiai pressure of hydrogen and is nearly proportional 
to the concentration of cupric acetate. The activation energy is 24,600 calories per 
mole. Cupric acetate, apparently acting as a true catalyst, activates the hydrogen 
through formation of a complex with it. An extension of the mechanism proposed 
earlier for the reaction of cupric acetate itself with hydrogen also accounts for the 
kinetics of the dichromate reaction. 





INTRODUCTION 


Dakers and Halpern (3) have recently shown that cupric acetate reacts 
homogeneously in aqueous solution with molecular hydrogen as follows: 


2Cu(OAc)2+H2+H;0 > Cu;0+4HOAc. {1 


The kinetics of this reaction are described in an earlier paper (3). The rate 
can be expressed by the equations: 


—d{Cu(OAc)s}/dt = ks'[Cu(OAc)s] Pay = bs[Cu(OAc)s] [Ha] [2] 


where Py, is the partial pressure of hydrogen above the solution. 
k,’, apparently independent of the hydrogen pressure and solution composi- 
tion, was given by: 


ke’ = 6.15 X 10° exp [—24,200/RT] atm. min. [3] 


To account for this kinetic behavior the reaction was postulated (3) to 
proceed through the following sequence of steps, the first step being rate 
determining: 


k 
Cu(OAc)2+H:2 — Cu(OAc)2-H:2 [4] 
slow 
followed by: 
Cu(OAc)2-H2+Cu(OAc)2+H:,0 — Cuz0+4HOAc. (5] 


fast 


Cupric acetate thus appears to have the property of being able to activate 
molecular hydrogen homogenecusly, through the formation of a complex with 


'Manuscript recewed September 17, 1954. 
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it, as represented in equation [4]. Only two other instances of comparable 
homogeneous activation of hydrogen, one involving cuprous acetate (1, 2, 8) 
and the other dicobalt octacarbonyl (5, 9) as the activating species, have 
previously been reported. This appears to be the first time that this type of 
activation has been observed in aqueous solution. The detailed mechanism of 
the process and its relation to the more common phenomenon of heterogeneous 
catalytic activation of hydrogen have not been resolved. 

The reaction sequence represented in equations [4] and [5] above implies 
that cupric acetate should also be capable of functioning as a homogeneous 
catalyst for the reactions with hydrogen of other compounds which are 
thermodynamically reduced more readily than cupric acetate itself, but which 
do not react with hydrogen in the absence of a catalyst for kinetic reasons. 

In accord with this it was found that the homogeneous reduction of dichro- 
mate salts by molecular hydrogen in aqueous solution, represented by the 
equation: 


Cr,0;—+3H.+8H+t -> 2Cr++++7H,0, [6] 


would proceed only in the presence of dissolved cupric acetate, the latter 
apparently acting as a true catalyst. The present paper describes a kinetic 
study of this reaction, undertaken with a view to obtaining further information 
about the mechanism of the hydrogen activation process. 


EXPERIMENTAL 


Sodium dichromate, cupric acetate, sodium acetate, and acetic acid, all of 
Reagent Grade, were supplied by Nichols Chemical Company. The solutions 
were prepared by dissolving weighed quantities of these chemicals in distilled 
water. Commercial hydrogen gas, supplied: in cylinders by Canadian Liquid 
Air Company, was used without further purification. 

The experiments were conducted in the stainless steel autoclave described 
in an earlier paper (3). Three liters of solution of desired composition were 
placed in the autoclave which was then sealed, flushed with nitrogen, and 
heated to the reaction temperature, maintained to within +0.3°C. Hydrogen 
was introduced and maintained at a desired partial pressure with a standard 
gas pressure regulator. The solution was stirred with an impeller of 2.5 in. 
diameter which rotated at 900 r.p.m. Samples of the solution were withdrawn 
periodically for analysis. The concentration of unreacted dichromate was 
measured with a Beckman DU Spectrophotometer using the 3500 A absorption 
peak. Cupric acetate concentrations were determined electrolytically. 


RESULTS 


In the absence of cupric acetate, no reaction between dichromate and hydro- 
gen could be detected up to temperatures of 160°C. and hydrogen partial 
pressures of 30 atm. When cupric acetate was present, the reduction of di- 
chromate proceeded measurably at temperatures as low as 80°C. Spectro- 
photometric identification of the product, chromic acetate, confirmed that the 
stoichiometry of the reaction is represented by equation [6]. 





The course of a typical experiment is depicted in Fig. 1. At constant tem- 
perature and hydrogen partial pressure, the concentration of CrxO;— always 
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Fic. 1. Typical rate curves for the reactions of dichromate and cupric acetate with hydrogen. 
Temperature, 100°C. H: partial pressure, 13.6 atm. 


RATE OF REACTION BETWEEN HYDROGEN AND DICHROMATE IN SOLUTIONS OF DIFFERENT 


{Cu(OAc):] = 0.1 M./liter, Temp. = 100°C., H: partial pressure 








Solution composition 


Rate of Cr,O;-~reduction 








Expt. {Na:Cr20)], ko X 104, 
No. M. /liter mole liter~! 
min.~! 
A-4 0.010 0.25 0.50 0.964 9.64 Z 
B-4 0.010 0.25 0.50 1.008 0.08 : 
C-3 0.010 0.25 0.50 0.983 9.83 E 
D-3 0.010 0.25 0.50 0.952 9.52 : 
E-3 0.010 0.25 0.50 0.956 9.56 ; 
F-2 0.010 0.25 0.50 0.941 9.41 ; 
G-3 0.010 0.25 0.50 0.931 9.31 : 
H-1* 0.010 0.25 0.50 0.932 9.32 0. 
C+ 0.005 0.25 0.50 1.026 10.26 0.754 
C-3 0.010 0.25 0.50 0.983 9.83 0.722 
C-2 0.015 0.25 0.50 0.923 9.23 0.679 
C-5 0.020 0.25 0.50 0.952 9.52 0.700 
F-5 0.010 0.00 0.50 0.923 9.23 0.680 
F-4 0.010 0.05 0.50 0.941 9.41 0.692 
F-3 0.010 0.15 0.50 0.947 9.47 0.698 
F-2 0.010 0.25 0.50 0.941 9.41 0.692 
F-1 0.010 0.50 0.50 0.957 9.57 0.704 
G-2 0.010 0.25 0.50 0.931 9.31 0.684 
G-3 0.010 0.25 0.75 0.950 9.50 0.698 
C4 0.010 0.25 1.00 0.925 9.25 0.680 





* Stirring velocity reduced to 600 7.p.m. In all other experiments stirring velocity was 900 r.p.m. 





LOG CONCENTRATION 
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decreased linearly with time, corresponding to zero order kinetic behavior, i.e. 
—d{[Cr,0;—]/dt = kp. [7] 


Values of the zero-order rate constant, ko, determined from the slopes of the 
rate plots were reproducible to within +5% (see Table I). 

Further evidence for zero order kinetic behavior is provided by the results 
in Fig. 2 and Table I, which show ky to be independent of the initial Crs0;— 
concentration. The fact that the rate was unchanged when the stirring velocity 
was varied from 600 to 900 r.p.m. indicates that the reaction was not limited 
by solution of hydrogen. 
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Fic. 2. Rate curves for the reduction of dichromate by hydrogen. [(Cu(OAc),], 0.10 M./liter. 
Temperature, 100°C. H: partial pressure, 13.6 atm. 
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Fig. 1 shows that the concentration of cupric acetate remained constant as 
long as dichromate was undergoing reaction. This was always found to be the 
case and is in accord with the view that cupric acetate is a true catalyst for 
the dichromate reaction. Only when the reduction of dichromate was:complete, 
did the cupric acetate react with hydrogen to form cuprous oxide according to 
equation [1]. The first order kinetic behavior of this reaction, shown in Fig. 1, 
is in quantitative agreement with that reported earlier (3). Apparently the 
reduction of cupric acetate is not affected by the previous dichromate reaction 
or by the presence of small amounts of chromic salts in the solution. 

The dependence of the rate of the dichromate reaction on the concentration 
of cupric acetate provides further support for the catalytic role of the latter. 
The results in Figs. 3 and 4 show that the rate increases in a near'y linear 
manner with increasing cupric acetate concentration, i.e. 


Ro = ks [Cu(OAc)s]. (8) 


Actually the relation is seen to be not quite linear, ks; showing a tendency to 
fall off slightly with increasing [Cu(OAc)2]. Thus at 100°C. and 13.6 atm. of 
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Fic. 3. Rate curves for the reduction of dichromate at different concentrations of cupric 
acetate. Temperature, 100°C. H: partial pressure, 13.6 atm. 
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Fic. 4. Dependence of the rate of reaction of dichromate on the concentration of cupric 
acetate. Temperature, 100°C. Hz partial pressure, 13.6 atm. 


hydrogen, the value of 3, extrapolated to zero [Cu(OAc)2] (see Fig. 4), is 
given by: 


ky® = 0.00101 mole Cr,0;——/mole Cu(OAc)2/min. [9] 


At the highest cupric acetate concentration investigated, i.e. 0.25 M./liter, 
the value of ks was found to be 0.00087 or about 14% lower. The significance 
of this decrease will be discussed later. 
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The reduction of dichromate was studied at hydrogen partial] pressures 
ranging from zero to 27.2 atm. The results, plotted in Fig. 5, show the rate to be 
directly proportional to the partial pressure of hydrogen throughout this 
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Fic. 5. Dependence of the rate on the hydrogen partial pressure. Temperature, 100°C. 


range. Assuming that the solubility of hydrogen follows Henry’s Law (3, 7), 
this relation also implies that the rate is proportional to the concentration of 
molecular hydrogen in solution. ‘ 

The kinetics of the reaction are thus seen to conform to the bimolecular 
rate equation: 


—d[Cr:0;—]/dt = ki{Cu(OAc)2]Px, = k&{Cu(OAc)s] [Ho]. [10) 

The following relations are also seen to hold: 
ks = ki! Pay = bali] fy 
and k,’ = ak, [12] 


where a is Henry’s constant denoting the solubility of hydrogen. 

There is evident a formal similarity between equation [10] and equation [2], 
which expresses the rate of reaction of cupric acetate with hydrogen. Relations 
similar to equations [11] and [12] also apply in the case of the cupric acetate 
reaction (3). 

The rate of the dichromate reaction was measured at temperatures ranging 
from 80° to 140°C. The results were found to give a good Arrhenius plot shown 
in Fig. 6. The activation energy, calculated from the slope of this plot, is 
24 ,600+600 cal. per mole, in good agreement with the value of 24,200+800 
cal. per mole reported earlier for the reaction of cupric acetate itself with 
hydrogen (3). [t should be noted that in the series of experiments where the 
temperature was varied, the partial pressure of hydrogen, and not its con- 
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Fic.6. Arrhenius plot for the cupric acetate catalyzed reaction of dichromate with hydrogen. 


centration in solution, was held constant. The apparent activation should 
therefore be corrected for the change in solubility of hydrogen with tempera- 
ture. This correction is probably small. 

In most of these experiments the solutions contained, in addition to sodium 
dichromate and cupric acetate, 0.25 M./liter of sodium acetate and 0.5 M./liter 
of acetic acid. The pH was thus buffered at a value of about 4.5 and changed 
very little during the course of reaction. That these values are not critical is 
indicated by the results in Table I which show that wide variations in the 
acetate and acetic acid concentrations were substantially without effect on 
the rate. 


DISCUSSION 


The kinetic similarity of the dichromate and cupric acetate reactions sup- 
ports the view that both have the same rate controlling step. In each case the 
pattern of kinetic behavior suggests that the rate is determined by a bimolecu- 
lar process involving one molecule of cupric acetate and one molecule of 
hydrogen. The hydrogen must become activated in this step so that its sub- 
sequent reaction with either reducible substrate to give the observed reaction 
products is rapid. 

A reaction mechanism incorporating such a rate controlling step has already 
been proposed for the reduction of cupric acetate (see equations [4] and [5]). 
An analogous mechanism can be written for the dichromate reaction, i.e. 


& 
3Cu(OAc):+3H:2 _ 3Cu(OAc):- He [13] 
slow 
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followed by: , 
3Cu(OAc)2-H2+Cr20;— +8H* — 2Cr*+*+++7H:0+3Cu(OAc)2. —[14] 
fast 


The role of cupric acetate is seen to be that of a true catalyst, since it is regener- 
ated as long as dichromate is undergoing reduction. 

At 100°C., the rate constant for the cupric acetate reaction, k2’, was found 
to be 4.45 X 10-4 atm.—! min.—! (3). From equation [9], the value of the corres- 
ponding rate constant for the dichromate reaction, k,’, extrapolated to zero 
cupric acetate concentration, is seen to be 7.45 & 10-° atm. min~. The ratio 
k,’ : ky’ is thus found experimentally to be 5.95, in agreement with the theo- 
retical value of 6.0, corresponding to the fact that the reduction of Cr,0;— 
involves six electrons as compared with one for Cu(OAc)>. 

Thus measurements of the dichromate reaction rate and of the cupric 
acetate reaction rate both yield the same value of k. It has previously been 
shown (3) that this value corresponds to a frequency factor of 4.8 X 10" liter 
mole! min.—, or an equivalent activation entropy, AS?, of —6.5 e.u. These 
values are normal (3, 4, 6) for a simple bimolecular process such as that 
represented by equation [13]. 

The reaction mechanisms which have been proposed for both the dichromate 
and cupric acetate reactions thus appear to be in quantitative agreement with 
the kinetic results. In particular, this agreement may be taken as supporting 
the conclusion that cupric acetate rather than one of its reduction products 
(i.e. cuprous acetate or cuprous oxide) is the species responsible for activating 
molecular hydrogen. Other evidence for the same view has previously been 
presented (3). In the present case the evidence appears fairly conclusive, since 
no cupric acetate is reduced until all the dichromate has reacted. This is of 
special interest in view of Calvin’s earlier work (1, 2), showing that cuprous 
acetate activates hydrogen homogeneously in quinoline solutions. It appears 
that the mechanism of activation in the two systems is not the same. 

It is probable that the observed slight decrease in k,’ (and hence in the ap- 
parent value of the ratio k,’ : k2’) with increasing cupric acetate concentration 
arises from a secondary effect of cupric acetate, the most likely one being a 
lowering of the solubility of hydrogen (i.e. of a). The mechanism which has 
been proposed above suggests that k, is independent of the concentration of 
hydrogen. At constant partial pressure, any change in a would therefore be 
reflected in k,’. A lowering of the solubility of hydrogen in water is a well- 
known effect of many salts (7). 

k,’, which is also proportional to a, should vary in a similar manner with 
the cupric acetate concentration. That the earlier work (3) did not reveal this 
variation is not surprising, since the values of k2’ were determined by measuring 
the rate of disappearance of cupric acetate, usually down to very low concen- 
trations. The first order kinetics of this reaction would tend to mask a small 
change in the rate, apparent only in the first stages (i.e. when most of the 
cupric acetate was still unreacted). Recently more accurate determinations 
have been made of the initial rate of the cupric acetate reaction. The results 
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confirm that k,’ varies, in a similar manner to k,’, with the cupric acetate 
concentration, and thus that the ratio k,’ : k,’ retains a constant value close to 


6. 


CONCLUSIONS 


Further evidence has been provided that cupric acetate activates molecular 
hydrogen homogeneously in aqueous solution. One consequence of this is its 
ability to function as a true homogeneous catalyst for the hydrogenation of 
other compounds. An extension of the mechanism, proposed earlier (3) for 
the reaction of cupric acetate itself with hydrogen, also appears to explain the 
kinetics of the catalytic hydrogenation of dichromate. 
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THE OXIDATION OF 3-(N-BENZYLACETAMIDO)-1,2- 
PROPANEDIOL TO N-BENZYLACETAMIDOACETALDEHYDE 
AND RING CLOSURE OF THE LATTER TO ISOQUINOLINE! 


By ARLEN W. FRANK? AND C. B. PURVES 


ABSTRACT 


Fischer’s synthesis of isoquinoline by the oxidative cyclization of benzyl- 
aminoacetaldehyde diethyl acetal with 20% oleum was found to give a yield of 
8.5%, but his isolation of the intermediate aldehyde could not be repeated. 
The N-acetyl derivative, N-benzylacetamidoacetaldehyde, however, was syn- 
thesized as a somewhat unstable oil, b.p. 129-131° (0.12 mm.), and was cyclized 
in 7.5% yield to isoquinoline. This synthesis involved the hydrogenation of 
3-benzylideneamino-1,2-propanediol to 3-benzylamino-1,2-propanediol, b.p. 
152-155° (0.5 mm.); hydrochloride, 44 92-94.5°. The N-acetyl derivative, 
3-(N-benzylacetamido)-1,2-propanediol, b.p. 188° (0.12 mm.), was then oxidized 
with sodium metaperiodate; the behavior of other intermediates in the synthesis 
toward periodate, and also lead tetraacetate, was studied. The following addit- 
ional compounds were thought to be new: 3-veratrylideneamino-1,2-propanediol, 
m.p. 123-125°; 3-veratrylamino-1,2-propanediol, b.p. 207-214° (0.4 mm.); the 
hydrochloride, =e 151-152°; 3-(N-benzylacetamido)-1,2-diacetoxypropane, 
b.p. 196-199° (0.7 mm.), and N-benzylacetamidoacetaldehyde 2,4-dinitro- 
phenylhydrazone, m.p. 315-316°. 


INTRODUCTION 


The synthesis of isoquinolines from substituted benzylideneaminoacetals 
(1) or benzylaminoacetals (II) suffers from the fact that the azomethine link is 
unstable in the sulphuric acid or polyphosphoric acid required for cyclization. 
While this difficulty is not great when simple aldimine Schiff bases are cyclized, 
it becomes serious with the more complex ketimine Schiff bases (12). In order 
to eliminate this difficulty, the azomethine group has been reduced to the more 
stable secondary amine (III), which has then been cyclized with sulphuric acid 
in the presence of an oxidizing agent. 

In 1893 Fischer (10) reported that the oxidative cyclization of benzyl- 
aminoacetaldehyde with fuming sulphuric acid gave isoquinoline, isolated in 
low but unstated yield as the platinichloride. Since sulphur dioxide was evolved 
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and no isoquinoline was obtained when cyclization was attempted with con- 
centrated instead of fuming sulphuric acid, it appeared that one of the inter- 
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mediates, probably 1,2-dihydroisoquinoline, was oxidized by the sulphur 
trioxide. Fischer’s method, however, was obviously inapplicable to many 
compounds substituted in the benzene ring because of the ease with which such 
compounds were sulphonated. An alternative method, developed by Riig- 
heimer and Schén (28) consisted of cyclization in concentrated sulphuric acid 
containing arsenic pentoxide as an oxidizing agent. Although veratrylamino- 
acetal yielded 21% of 6,7-dimethoxyisoquinoline (11), the method failed when 
applied to myristicinylaminoacetal (26) and to N-(a-veratrylveratry])- 
aminoacetal (2). Attempts to isolate the intermediate 1,2-dihydroisoquinolines 
in the cyclization of benzyl- (10), myristicinyl- (29), piperonyl- (20), and 
N-methylpiperonylaminoacetal (31) were uniformly unproductive. In addition 
to sulphuric acid in various concentrations, other cyclizing agents such as 
concentrated hydrochloric acid and phosphorus oxychloride were tried without 
success. 

Despite these disappointing results, the synthesis seemed to merit further 
study, because it offered a simple and direct way of preparing isoquinoline 
derivatives such as the alkaloid papaverine from readily available substances 
(2). In all save one of the cases cited, cyclization had to await the hydrolysis 
of the acetal to a free aldehyde (or to a vinyl derivative), and if the delay 
happened to be lengthy there would be opportunity for undesired side-reactions. 
The exception was Fischer’s claim (9) that benzylaminoacetaldehyde could be 
isolated as a pale yellow, crystalline hydrochloride by evaporating to dryness a 
solution of the corresponding acetal (III) in concentrated hydrochloric acid. 
The free base was reported to be a colorless, ether soluble oil which strongly 
reduced Fehling’s solution and which gave the low but unstated yield of iso- 
quinoline when cyclized (10). Neither the base nor its hydrochloride was 
analyzed or assigned any physical characteristics other than those just stated, 
and the synthesis has apparently never been repeated nor applied successfully 
to any other compound in the benzylaminoacetal class. A reinvestigation of 
the original work was therefore undertaken. 

Despite many attempts, Fischer’s hydrochloride was invariably isolated as a 
black, gummy solid which could not be purified by recrystallization. Neutraliza- 
tion of these hydrochlorides gave no recognizable benzylaminoacetaldehyde, 
and Fischer’s claim to have obtained it was finally considered to be in error. 
On the other hand, cyclization of the black, solid hydrochloride with 20% 
oleum at room temperature for 24 hr. did give isoquinoline, which was isolated 
as the picrate in 8.5% yield based on the original benzylaminoacetal. Stronger 
acid (30-35% SO;) probably resulted in sulphonation, since the yield of 
isoquinoline decreased to only 0.07% of theory. The experiment with 20% 
oleum was then repeated with the acetal itself, and the yield of isoquinoline 
was 3.5%. When a solution of the acetal (III) in concentrated sulphuric acid 
was heated for 30 min. at 160-170° and the basic portion of the product was 
distilled in steam, a copious amount of oil was recovered but no isoquinoline 
picrate could be isolated from it. Under these conditions, benzylideneamino- 
acetal (I) was cyclized to isoquinoline in 50% yield (24). An experiment was 
also carried out using arsenic pentoxide instead of sulphur trioxide as the 
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oxidizing agent, but only an impure picrate was recovered in small yield. A 
condensation with concentrated sulphuric acid at 100° for four hours yielded 
an amorphous yellow solid softening at 185° to 190°, and containing 9.7% of 
nitrogen (calc. for isoquinoline: N, 10.9%); another condensation with 72% 
sulphuric acid for four days at room temperature gave a viscous yellow liquid 
with 8.3% of nitrogen. Neither of these substances was the 1,2-dihydroiso- 
quinoline postulated by Fischer as an intermediate in the cyclization. A base, 
prepared by cyclizing benzylaminoacetal in cold concentrated sulphuric acid, 
according to Fischer’s directions, was probably impure isoquinoline. The 
details of these negative experiments have been omitted from this article. 
The failure to confirm Fischer’s preparation of benzylaminoacetaldehyde 
made it desirable to develop a new synthesis for this class of compounds, and 
advantage was taken of the fact that the structure IV (and from this, V) 
could be readily obtained by condensing benzaldehyde with 3-amino-1,2- 
propanediol. The analogous veratry! derivatives were also prepared. Oxidation 
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of IV or V (R = H) with sodium periodate or lead tetraacetate would then be 
expected to cleave the 1,2-glycol units giving the aldehydes corresponding to 
the acetals I and III. No previous reference was found to the oxidation of a 
Schiff base like IV by periodate, other than the oxidation of mannose phenyl- 
hydrazone and of glucose phenylosazone (15), the latter giving a pyrazolone 
in which, of course, the C=N bonds were stabilized by resonance. Benzyl- 
idenimine was known to be dehydrogenated with lead tetraacetate in acetic 
acid to benzonitrile (8), and the imines produced by the oxidation of 2-amino- 
alcohols were considered to be further oxidized to nitriles (8, 18). McCasland 
and Smith (18) recently reviewed the rather extensive literature dealing with 
the action of both oxidants on the aminoalcohols themselves. 

It was expected that the azomethine bond in 3-benzylideneamino-1,2- 
propanediol (IV) would be untouched by periodate in neutral or basic solution, 
but might be readily hydrolyzed in an acidic medium. An aqueous solution of 
IV, however, was reported as strongly basic (5), a property not characteristic 
of a Schiff base, and also at once developed the odor of benzaldehyde. The 
compound, therefore, appeared to exist in aqueous solution as a mixture of the 
Schiff base (and its cyclic oxazolidine form (4)), benzaldehyde, and 3-amino-1,2- 
propanediol in equilibrium. In keeping with this view, the compound IV, like 
3-amino-1,2-propanediol (21), reduced 2 moles of periodate per mole both at 
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pH 8 and pH 4, and 1 mole of ammonia was liberated. It was interesting to 
note that when 1 mole of periodate per mole of Schiff base was used, no less 
than 0.55 mole of ammonia was formed; the N—C—C—O link in 3-amino- 
1,2-propanediol was therefore somewhat more sensitive than the glycol unit 
to cleavage by the periodate. Although Mead and Bartron (21) found that 
ammonia could not be reliably determined by the direct titration of solutions 
in which formaldehyde was present, accurate results were obtained in the 
present experiments by distilling the ammonia as in the standard Kjeldahl 
method. 

In order to avoid hydrolysis, 3-benzylideneamino-1,2-propanediol was then 
oxidized with lead tetraacetate dissolved in benzene or in glacial acetic acid. 
Two moles per mole of diol was rapidly consumed in the former solvent, but 
in the latter the rate of consumption was slow enough to be followed by iodo- 
metry (13). The rate plot (Fig. 1) showed that 1 mole of the tetraacetate was 
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ey 1. Oxidation of the aminediols with excess 0.05 M lead tetraacetate in acetic acid 
at 26°. 

A3-Amino-1,2-propanediol 

@3-Benzylideneamino-1,2-propanediol 

O3-(N-Benzylacetamido)-1,2-propanediol (3.04 moles tetraacetate consumed after 47 hr.) 


consumed fairly quickly, while the second mole required about 20 hr. Fig. 1 
also shows that under the same conditions 3-amino-1,2-propanediol required 
3 moles of the tetraacetate, of which 1 mole was expended in slowly oxidizing 
one of the products, formic acid, to carbon dioxide (8, 23). Although it was 
plain that the consumption of 2 moles, instead of 1 mole, by IV was not caused 
by the solvolysis of the Schiff base group, no good explanation was found for 
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the anomaly. The fact that exactly 2 moles of lead tetraacetate were utilized, 
instead of a fractional amount, suggested that a specific, ionic reaction was 
occurring, rather than a non-specific, free-radical process such as addition or 
dehydrogenation (3, 8). These oxidations were not pursued because they were 
not likely to yield the desired product, benzylaminoacetaldehyde. 

An easy hydrogenation of the Schiff base (IV) yielded 3-benzylamino-1,2- 
propanediol (V, R = H), which was found to reduce 2 moles of periodate per 
mole at pH 4, but only 1 mole when the solvent was 5% sulphuric acid. This 
behavior was not unexpected, because Tompsett and Smith (30) observed that 
periodate produced formaldehyde from aminoalcohols like ethanolamine and 
serine in neutral, but not in acid solution. The consumption of periodate by 
2-aminocyclohexanol also decreased with decrease in pH (18). It seemed likely 
that the conversion of the amine to the ammonium salt in acid media prevented 
the formation of a cylic ester with the periodate ion, which was probably an 
essential intermediate in the oxidation (6). Attempts were made to use the 
above results on a preparative scale by destroying any excess periodate in the 
acidic reaction mixture with ethylene glycol, and then extracting the neutral- 
ized liquor with ether. No N-benzylaminoacetaldehyde could be recovered 
from the black gums produced. Attempts to prepare this compound by 
deacetylating its N-acetyl derivative (see below) also ended in failure. 

3-(N-benzylacetamido)-1,2-propanediol (V, R = COCH;) was then pre- 
pared, either directly from 3-benzylamino-1,2-propanediol (V, R = H) by 
acetylation in aqueous solution, or indirectly by the partial deacetylation of 
the O,0,N-triacetyl derivative. The consumption of periodate by the product 
(V, R = COCH;) was 1.3 mole per mole after 30 min., and did not increase 
during 24 hr. One mole of lead tetraacetate was consumed rapidly, but a slow 
utilization of a further 2 moles during 47 hr. also occurred (Fig. 1). In other 
aminoglycols the introduction of an N-acyl group such as acetyl, benzoyl, or 
carbobenzyloxy prevented the oxidation from exceeding 1 mole (7, 14, 22). 
The oxidation of 3-(N-benzylacetamido)-1,2-propanediol with periodate, 
however, led to a successful preparation of N-benzylacetamidoacetaldehyde 
(VI), which was a colorless oil soluble in chloroform but not in ether, and 
which darkened quite rapidly. The crystalline 2,4-dinitrophenylhydrazone of 
the aldehyde was prepared and characterized. 

When a solution of N-benzylacetamidoacetaldehyde (VI) in concentrated 
sulphuric acid was heated for 30 min. at 160—170°, the product included 7.5% 
of isoquinoline, but this yield decreased to 3% when the heating was only for 
five minutes. Cyclization in 20% oleum for 24 hr. at room temperature also 
gave isoquinoline picrate, but in extremely low yield. The odor of benzaldehyde 
was absent in these experiments, whereas in the Pomeranz (24) cyclization of 
benzylideneaminoacetal (I) a considerable amount of ‘benzaldehyde was 
produced in a hydrolytic side-reaction. This difference suggested that the 
present reaction involved cyclization to 1,2-dihydroisoquinoline, or its N-acetyl 
derivative, followed by dehydrogenation or deacetylation. All attempts to 
isolate these supposed intermediates, or N-benzylaminoacetaldehyde, however, 
were in vain. 
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EXPERIMENTAL? 
Materials and Analytical Methods 

Glycidol (2,3-epoxy-l-propanol), prepared from 3-chloro-1,2-propanediol 
with alcoholic potassium hydroxide (25), was dissolved in aqueous ammonia 
(16) and the solution distilled 24 hr. later to give an 88.5% yield of 3-amino-1,2- 
propanediol as a colorless oil boiling at 154~-156° (14 mm.). On redistillation 
the product boiled sharply at 153° (13 mm.). The picrolonate melted with 
charring at 216-218°. 

Lead tetraacetate was prepared by adding red lead (Pb,O,) to a hot mixture 
of acetic acid and acetic anhydride, as described by McClenahan and Hockett 
(19). The consumption of the tetraacetate was followed iodometrically (13), 
and that of the periodate either iodometrically in acid solution, or by the 
arsenite—iodine titration near pH 9 (14). In order to determine the ammonia 
liberated in the oxidation of 3-benzylideneamino-1,2-propanediol (IV), 
samples, 0.03675 and 0.04360 gm., were dissolved in 20 ml. of 0.05 M sodium 
metaperiodate. After one hour at room temperature, the solutions were trans- 
ferred to a semimicro Kjeldahl distilling apparatus, diluted with 10 ml. of 45% 
aqueous sodium hydroxide and steam distilled for 10 min., the distillates being 
collected in 25 ml. volumes of 0.8% aqueous boric acid containing five drops 
of methyl purple indicator. The distillates when titrated required 7.52 and 
8.94 ml. of 0.02660 N hydrochloric acid, respectively, or 98, 98% of the 
theoretical amount. These results were corrected from blanks containing only 
sodium metaperiodate. 

Benszylaminoacetaldehyde Diethyl Acetal (111) 

The details, lacking in Riigheimer and Schén’s (27) description, were as 
follows. A mixture of 53.5 gm. (0.35 mole) of chloroacetaldehyde diethyl acetal 
and 77.0 gm. (0.72 mole) of benzylamine was heated for 1.5 hr. at 145-150° 
with mechanical stirring. During this time the solution became deep red in 
color, gases were evolved, and benzylamine hydrochloride separated in a mass 
of white crystals. After cooling, water was added to dissolve the salt, the 
solution was made alkaline with 500 ml. of 10% sodium carbonate and extracted 
with ether. The extract was washed with water, dried over anhydrous sodium 
sulphate, and evaporated. The residual oil when distilled at 15 mm. pressure 
yielded 45.8 gm. (59%) of benzylaminoacetal boiling at 150—160°; redistil- 
lation of this fraction furnished a pure sample boiling correctly (9, 27) and 
sharply at 156° (15 mm.). Found: N, 6.22, 6.20%. Calc. for Cis3H2O.N: N, 
6.27%. 

In attempts to prepare Fischer’s benzylaminoacetaldehyde hydrochloride 
(9), 4.5 gm. of the above acetal was dissolved cautiously in 20 ml. of ice-cold, 
concentrated hydrochloric acid. After being heated for one hour at 50—-60°, 
the solution was evaporated to dryness under reduced pressure. No crystalline 
material could be recovered from the black residue. 

In a typical cyclization to isoquinoline the black hydrochloride from 4.5 gm. 
of the acetal was gradually added to 20 ml. of ice-cold oleum (20% SOs), 


5 Melting points were not corrected. 
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solution being immediate and with the evolution of hydrogen chloride. After 
24 hr. at room temperature, the wine-red solution was poured onto 50 gm. of 
crushed ice, diluted with 50 ml. of water, and extracted with ether. The 
aqueous layer was made strongly alkaline by adding 40 gm. of sodium hydrox- 
ide dissolved in 200 ml. of water, and was distilled in steam until 300 ml. of 
distillate was collected. Extraction of the distillate with ether removed an oil 
which was diluted with a little ethanol and added to a hot solution of picric 
acid, 2.5 gm., in 75 ml. of water. The picrate which separated, when recovered, 
washed with ethanol, and dried, weighed 0.61 gm. (8.5%) and melted at 
225-227.5°. A mixed melting point with authentic isoquinoline picrate pre- 
pared from commercial isoquinoline was not depressed. When the mother 
liquors were concentrated to small volume 0.53 gm. of crude picric acid was 
all that separated. 


8-Benzylideamino-1 ,2-propanediol (IV) 

Condensation of 77.7 gm. of 3-amino-1,2-propanediol with 98.0 gm. of 
benzaldehyde in 40 ml. of ethyl acetate (5) gave a 70% yield of the above 
substance as white needles, m.p. 80-82°, from ethyl acetate. The reported 
melting point was 75-79° (17), but the almost quantitative yield, m.p. 72-78°, 
found by Bergmann et al. (5) was never attained. Found: N, 7.80, 7.80%; 
neutralization equivalent, 177, 178. Calc. for CioH1O2N: N, 7.82%; neut. 
equiv., 179. This equivalent probably referred to the 3-amino-1,2-propanediol 
formed by. hydrolysis during the titration. 

The oxidations with aqueous sodium metaperiodate were carried out with a 
0.05 M solution and 10 to 30 mgm. samples of the Schiff base. One mole of the 
Schiff base yielded 0.98, 0.98 mole of ammonia when excess periodate was 
used; 0.56, 0.55 mole with 1.0 mole of periodate, and 0.49, 0.49 mole with 
0.9 mole. The oxidations with lead tetraacetate (Fig. 1) employed a 0.05 M@ 
solution in glacial acetic acid or benzene and 10 to 30 mgm. samples of the 
Schiff base. 


3- Veratrylideneamino-1 ,2-propanediol 

The preparation was adapted from that of the benzylidene derivative. A 
mixture of 66.4 gm. (0.40 mole) of veratraldehyde, 31.9 gm. (0.35 mole) of 
3-amino-1,2-propanediol and 20 ml. of ethyl acetate was stirred until all the 
veratraldehyde dissolved. Within a few minutes, the solution suddenly became 
quite hot and solidified to a white, crystalline mass. After being washed 
thoroughly with ethyl acetate and dried im vacuo, the product weighed 78.8 gm. 
(94.5%) and melted at 121-124°. Two recrystallizations from ethyl acetate 
left the melting point almost unchanged (123-125°). Found: C, 60.2, 60.3; 
H, 7.2, 7.0; N, 5.71, 5.78; OCHs, 25.6, 25.6%. Calc. for CizHi7O,N: C, 60.2; 
H, 7.2; N, 5.86; OCHs, 25.9%. 


3-Benzylamino-1 ,2-propanediol (V, R = H) 
A mixture of 17.9 gm. (0.1 mole) of 3-benzylideamino-1,2-propanediol, 


200 mgm. of Adams’ platinum oxide catalyst (1), and 100 ml. of ethanol was 
shaken under 2-3 atm. pressure of hydrogen until the consumntinn of the one 
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ceased (three to five hours). The liquor was decanted and the recovered catalyst 
used in two or three similar hydrogenations until it became inactive. The 
combined ethanolic solutions obtained from 104.2 gm. of the Schiff base were 
filtered and then evaporated to an oil which was distilled at 0.5 mm. pressure, 
the yield being 93.1 gm. boiling at 130—160°. Redistillation furnished 80.7 gm. 
(76.5%) of a viscous, colorless oil boiling at 152-155° (0.5 mm.). Found: 
C, 65.7, 65.7; H, 8.1, 8.1; N, 7.44, 7.48%; neut. equiv., 181, 182, 181. Calc. for 
C10oH1,02N: C, 66.3; H, 8.3; N, 7.73%; neut. equiv., 181. 

A solution of the amine in an excess of hydrochloric acid was extracted with 
ether to remove any non-basic impurities, and was then evaporated to dryness 
under diminished pressure. The residue of 3-benzylamino-1,2-propanediol 
hydrochloride melted at 92-94.5° after two recrystallizations from isoamyl 
alcohol. Found: N, 6.28, 6.29%. Calc. for CisHisO2NCI: N, 6.43%. 

A 50 mgm. sample of the amine was dissolved in 15 ml. of 0.05 M sodium 
metaperiodate and at intervals 2-ml. aliquots were analyzed iodometrically. 
The consumption of periodate, 2.11 moles per mole after 30 min., was prac- 
tically unchanged at 2.06 mole after one hour. In a second oxidation, a 50 mgm. 
sample was dissolved in 10 ml. of 10% sulphuric acid and 10 ml. of the 0.05 
periodate. After 15 min., 1 hr., 3 hr., and 17 hr. the consumption of periodate 
was 0.74, 1.10, 1.12, and 1.24 mole per mole, respectively. 


8-Veratrylamino-1 ,2-propanediol Hydrochloride 


3-Veratrylideneamino-1,2-propanediol, 23.9 gm. (0.1 mole) was dissolved in 
100 ml. of ethanol and hydrogenated over 200 mgm. of platinum oxide catalyst 
as already described for the corresponding benzylidene Schiff base. The 
product from three such hydrogenations was dissolved in 100 ml. of water, 
50 ml. of concentrated hydrochloric acid was added, and the solution extracted 
with ether to remove any non-basic impurities. Evaporation of the aqueous 
residue to dryness under reduced pressure left the white, crystalline hydro- 
chloride. After one recrystallization from ethanol the yield was 64.7 gm. 
(89.5%) and the m.p., 151-152°. Found: N, 5.02, 5.01; OCHs, 22.1, 22.3%. 
Calc. for CizH2O,NCI: N, 5.04; OCH3, 22.3%. 

The free base, 3-veratrylamino-1,2-propanediol, distilled with some decom- 
position at 207—214° (0.4 mm.) as a pale yellow, viscous oil. 


3-(N-Benzylacetamido)-1 ,2-diacetoxypropane 


A mixture of 79.7 gm. (0.44 mole) of 3-benzylamino-1,2-propanediol (V, 
R = H), 400 ml. of acetic anhydride, and 40 gm. of fused sodium acetate was 
heated for several hours under reflux near 100°, and the solution was then 
decanted into 1300 ml. of water. After standing overnight to decompose the 
acetic anhydride, the clear solution was extracted with ether and the extract 
washed, twice with dilute hydrochloric acid and thrice with water. The residual 
oil remaining after evaporation of the dried extract was distilled, giving 
81.8 gm. (61.5%) of product boiling at 196—-199° (0.7 mm.). Found: C, 62.4, 
62.5; H, 6.8, 6.9; N, 4.49, 4.47%. Calc. for CisH205N : C, 62.5; H, 6.9; N, 4.56%. 
The compound was soluble in ether and water. 











FRANK AND PURVES: OXIDATION 373 


8-(N-Benzylacetamido)-1 ,2-propanediol (V, R = COCHs) 

(a) From 3-(N-Benzylacetamido)-1 ,2-diacetoxypropane 

The above O,O,N-triacetyl derivative was selectively deacetylated by a 
procedure adapted from that used by Carter et al. (7) to de-O-acetylate hexa- 
acetyl inosamine to N-acetyl inosamine. 

A 9.2 gm. (0.03 mole) sample, dissolved in 100 ml. of anhydrous methanol, 
was mixed with 150 ml. of methanol which had been saturated with ammonia 
gas at 26°. After being kept for 40 hr. at room temperature, the solution was 
evaporated to dryness under reduced pressure, and the residue was held at 
150° and 0.4 mm. pressure until the acetamide was removed by distillation. 
The still residue when fractionated yielded 5.1 gm. (76%) of product boiling 
at 190—193° (0.3 mm.). Found: N, 5.78, 5.79%. Calc. for Ci2Hi703;N : N, 6.28%. 

(6) From 3-Benzylamino-1,2-propanediol Hydrochloride 

The hydrochloride from 49.5 gm. of the base was dissolved in 500 ml. of 
water, mixed with 83 ml. of acetic anhydride, and 39.0 gm. of sodium acetate 
trihydrate dissolved in 100 ml. of water was added at once. This solution was 
shaken for six hours at room temperature, then extracted with ether to remove 
any triacetyl derivative, and evaporated to dryness. The residue was mixed 
with chloroform and filtered to remove the inorganic salts. The chloroform 
filtrate was shaken thoroughly with water, both phases were transferred to a 
liquid-liquid extractor, and the aqueous layer was extracted with chloroform 
for 24 hr. The residual oil remaining after evaporation of the chloroform 
amounted to 35.5 gm. (58%). A small sample distilled as an extremely viscous 
yellow oil at 182—188° (0.12 mm.), for the most part at 188°. Found: C, 64.2, 
64.3, 64.2; H, 7.6, 7.7, 7.7; N, 6.15, 6.11%. Calc. for CizHivO3N: C, 64.5; 
H, 7.7; N, 6.28%. This compound was soluble both in water and in chloroform. 
One mole reduced 1.30 mole of sodium metaperiodate in neutral solution 
within 30 min., and this amount did not increase after 24 hr. 


N-Benzylacetamidoacetaldehyde (V1) 

A mixture of 11.3 gm. (0.05 mole) of 3-(N-benzylacetamido)-1,2-propane- 
diol, 16.3 gm. (0.076 mole) of sodium metaperiodate, and 280 ml. of water was 
shaken vigorously for six hours and then extracted with chloroform. The resi- 
dual oil from the evaporation of the extract was distilled at 0.4 mm. pressure, 
the fraction boiling at 136-139° weighing 5.6 gm. (58%). The sample redistilled 
for analysis had the boiling point 129-131° (0.12 mm.). Found: C, 69.1, 68.8; 
H, 6.9, 6.8; N, 7.29, 7.31, 7.33%. Cale. for CuHiO2N: C, 69.1; H, 6.9; N, 
7.33%. The aldehyde was a colorless oil after distillation, but darkened rapidly 
even when stored in a desiccator over potassium hydroxide or calcium chloride. 
The substance was soluble in chloroform, but was insoluble in ether and only 
slightly soluble in water. 

The 2,4-dinitrophenylhydrazone of VI was prepared by adding the aldehyde 
in slight excess to an acid solution of 2,4-dinitrophenylhydrazine in ethanol. 
Brick red crystals, which separated slowly, were recovered after 24 hr. and 
were recrystallized from phenol containing a little ethanol. After being dried 
overnight in vacuo at 78° to remove any traces of phenol, the crystals melted 
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with effervescence at 315-316°, becoming black above 305°. Found: N, 18.5, 
18.9%. Calc. for CizHizOsN5: N, 18.9%. The derivative was quite insoluble in 
ethanol, ethyl acetate, and other organic liquids tried, but dissolved in nitro- 
benzene and in hot phenol. 

In a typical cyclization to isoquinoline, 1.21 gm. of N-benzylacetamido- 
acetaldehyde (VI) was dissolved cautiously in 10 ml. of ice-cold concentrated 
sulphuric acid and the solution heated for 30 min. at 160—170°. After cooling, 
the solution was poured onto 50 gm.:of crushed ice, and the isoquinoline was 
recovered as in the cyclization of benzylaminoacetal. The picrate weighed 
0.141 gm. (7.5%) and melted at 226-228°. A mixed melting point with an 
authentic sample of isoquinoline picrate, m.p. 226-227.5°, was not depressed. 
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AN ADIABATIC CALORIMETER FOR THE TEMPERATURE 
REGION BELOW 20°K.—THE SPECIFIC HEAT OF 
SODIUM CHLORIDE! 


By J. A. Morrison, D. PATTERSON,’ AND J. S. DUGDALE? 


ABSTRACT 


A simple adiabatic calorimeter for specific heat measurements at very low 
temperatures is described. Liquid helium is made in the cryostat by the Simon 
expansion method. The calorimeter and adiabatic shield are cooled below 13°K. 
by conduction of heat along the lead wires rather than by conduction with 
exchange gas. The working thermometer is a carbon resistor which has been 
calibrated against a helium gas thermometer. The assembly has been used to 
determine the specific heat of rock salt between 2.5° and 20°K. The results are 
compared with the theoretically derived values of the specific heat and Debye 
characteristic temperature for sodium chloride. 


INTRODUCTION 


In recent years there has been an increasing interest in the specific heat of 
substances at very low temperatures to try to determine, for example, the 
electronic contribution to the specific heat or the effect of superconductivity 
on the heat capacity of metals (8). In many cases the substances used have 
been of such a form—blocks or large single crystals—as to permit use of very 
simple calorimeter assemblies (11) in which the calorimeter vessel exchanges 
heat continuously with its surroundings. Such assemblies work satisfactorily 
where thermal equilibrium times are short, i.e. of the order of seconds. The 
present apparatus was designed especially for experiments with samples of 
small particles where it was anticipated that equilibrium times of the order of 
minutes would be encountered. Hence, it seemed obligatory to make the 
assembly of the adiabatic type. This had the further advantage of achieving 
uniform and continuous operation throughout the temperature region 2.5° to 
20°K. Although designed primarily for samples of small particles, the assembly 
may be used equally well for experiments on bulk solids as will be shown by 
the results for bulk sodium chloride. 

Accurate values of the specific heat of bulk NaCl were needed for comparison 
with the specific heat of small particles of NaCl. Existing measurements by 
Clusius et a/. (5) were not adequate as they went no lower than 11°K. At the 
same time, however, the results which have been obtained are of interest for 
comparison with theoretical values of the specific heat deduced from a Born- 
von Karman treatment of NaCl crystal (7), and with quantities deduced from 
elastic constants. As will be seen, the agreement between the experimental and 
theoretical results is gratifying. 

1Manuscript received October 14, /954 
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APPARATUS AND EXPERIMENTAL TECHNIQUE 


The Cryostat 


The essentials of the calorimeter assembly are shown diagrammatically in 
Fig. 1. The outer part of the cryostat (the liquid nitrogen and liquid hydrogen 
stages) was patterned after a cryostat used for adsorption experiments which 
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Fic. 1. The calorimeter assembly. A and B: vacuum spaces; 1: coil of copper tubing, 1 
meter long, 7, in. O.D., 0.035 in. wall thickness; 2: liquid hydrogen container; 3: anchoring 
ring for lead wires; 4: hydrogen vapor pressure thermometer; 5: coil of copper nickel tubing, 
1 meter long, } in. O.D., 0.018 in. wall thickness: 6: helium vapor pressure thermometer; 
7: helium bomb (copper); 8: Nylon suspension cords; 9: adiabatic shield (#4 in. thick copper), 
10: calorimeter vessel; 11: high pressure helium line; 12: liquid hydrogen filling tube; 13: 
a a 14: gaseous hydrogen vent line; 15: soft glass seal; 16: platinum tube; 17: Wood’s 
metal seal. 


has been adequately described elsewhere (9). In order to reach temperatures 
below 10°K. a liquid helium stage has been added, the liquid helium being 
made by the Simon expansion method (12). The helium bomb, 7, of about 
150 cm.? internal volume, is hung by Nylon cords from the liquid hydrogen 
container, 2. An expansion of helium from a pressure of 130 atm. to 1 atm. with 
a starting temperature of 13°K. attained by pumping on the liquid hydrogen 
in 2 produces about 50 cm.’ of liquid helium which has proved to be adequate 
for 12 or more hours of experiments. 

Previous experience showed that the use of exchange gas at liquid helium 
temperatures caused certain experimental difficulties. On the one hand, it 
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proved difficult to secure a satisfactory vacuum and on the other hand de- 
sorption of helium from the surface of the calorimeter vessel caused a percep- 
tible fall in its temperature. Consequently, in these experiments no exchange 
gas was used below about 13°K. Temperatures below this were reached by 
conduction of heat from the calorimeter along the lead wires. This was, of 
course, a slow process and required three to five hours for liquid helium 
temperatures to be reached, but the advantages of the method greatly outweigh 
this disadvantage. 


The Calorimeter and Shield 


The adiabatic shield, 9, and the calorimeter vessel, 10, are hung below the 
helium bomb by Nylon cords, 8. Since the major heat exchange between the 
calorimeter vessel and shield was along lead wires, an elementary form of 
shield was permissible. However, experience showed that radiation exchange 
with the jacket was significant when extremes of temperature were reached, 
e.g. calorimeter at 4° and surrounding can at 20°. Therefore, a detachable 
cylindrical radiation shield (not shown in the diagram) of 0.001 in. thick copper 
foil which surrounded the calorimeter vessel was attached to the shield. 

The lead wires from outside (No. 36 B. and S.D.S.C. copper) are brought in 
through the central tube and first make thermal contact with the anchoring 
ring, 3. Similar copper leads go between the bomb and the shield and make 
good thermal contact with each. Between the anchoring’ ring and the bomb, 
and between the shield and the calorimeter constantan leads (No. 30 B. and 
S.D.S.C. 15 cm. long) are used in order to reduce thermal conduction. The 
copper to constantan junctions were put close together at isothermal points 
in order to minimize thermal e.m.f.’s. Residual e.m.f.’s in the circuits were 
of the order of 0.1 wv. and were quite steady. 

Adiabatic control was accomplished by manual regulation of the current 
. passed through a heater wound on the shield. Temperature differences between 
the shield and calorimeter vessel were detected by a difference thermocouple 
made from two alloy wires—Ag — 0.37% Au/Au - 2.4% Co.* This thermo- 
couple has adequate sensitivity even at the lowest temperature ~2.5°K. 
(e.g. 5 wv./deg. at 4°). 

Since it was desired to do experiments with samples of particles of bulk 
density as low as 0.1, it was necessary to use a large calorimeter vessel 
(approximately 300 cm.*). At the same time the mass of the vessel had to be 
kept small and this was accomplished by making the vessel of thin copper 
(0.007 in.) with light reinforcing rings on the cylindrical side. The bottom and 
top were made slightly conical for added strength. Light vertical vanes 
(0.001 in. copper) were attached to the inside wall of the vessel in order to 
enhance gross conduction of heat from the outer wall to the center of the 
sample. 


Filling the Calorimeter 


The method of putting samples into the calorimeter requires comment 
because of the possible significance of adsorbed gases in the specific heat 
*Cf. Keesom, W. H. and Matthijs, C. J. Physica, 2: 628. 1986. 
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measurements. It was important to be able to evacuate the filled calorimeter 
vessel and to seal it securely with a small amount of helium gas inside to assist 
in heat exchange. As may be seen from the diagram, the vessel is provided with 
a port approximately one-quarter inch in diameter through which the sample is 
admitted under an inert gas atmosphere. Connection to a vacuum line is made 
through a platinum-soft glass seal, 15,16, the platinum tube being fastened 
to the calorimeter vessel with Wood’s metal, 17. Finally the glass tube is 
sealed off close to the platinum seal. In practice, the amount of glass in the 
seal averaged 100 mgm. with variations from experiment to experiment not 
exceeding 10 mgm. These variations were of no significance in the specific heat 
measurements. 


Thermometer and its Calibration 


The most important aspect of the calorimetry is the matter of a working 
thermometer and the temperature scale. It turns out that the accuracy of the 
specific heat measurements is determined by the accuracy with which the 
temperature scale can be fixed. No completely satisfactory thermometer exists 
for this temperature region, but recently carbon resistors have been tried. One 
of these (Ohmite, nominal value 10 ohms, 4 watt) was used for the present 
assembly. The resistor was attached to the bottom of the calorimeter vessel 
with a light copper clip. Thermal contact between the thermometer and the 
calorimeter was established through the thermometer leads (No. 28 B. and 
S.D.C.C. copper) wrapped twice around and lacquered to the cylindrical 
side of the vessel. Experiment showed that the time lag between the heater 
(200 ohms of No. 40B. and S.D.G.C. manganin, wrapped on the side) and the 
thermometer was less than two seconds. Resistances of the thermometer were 
determined with a Mueller bridge in which the current was varied from 10 ya. 
to 65 ywa., depending upon the temperature. 

The attractive feature of using carbon resistance thermometers is the possi- 
bility of having to calibrate them only at the two ends of the temperature 
region, intermediate temperatures being obtained by a suitable interpolation 
formula. Two interpolation formulas have been suggested and as will be seen, 
one is much preferable to the other for the thermometer used in these experi- 
ments. Clement and Quinnell (4) have proposed the formula 


(1) log R+(K/log R) = A+(B/T) 


while Brown, Zemansky, and Boorse (3) have suggested a four-constant 
formula 


[2] log R = A+(B/T)+(C/T*) -KT*. 


The constants of the formulas were determined in the following way. First, the 
indications of the carbon thermometer were compared with temperatures 
deduced from the hydrogen vapor pressure thermometer, 4, at several points 
in the range 14° to 20°. For the comparisons, exchange gas was admitted to 
space A and at least half an hour was allowed for equilibrium at each point. 
The vapor pressure thermometer was filled with normal hydrogen and tem- 
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peratures were deduced from the appropriate vapor pressure equation given by 
Woolley et al. (14). At the lower end of the temperature region the carbon ther- 
mometer was compared with the helium vapor pressure thermometer, 6. 
These comparisons had to be made with space A evacuated and therefore tem- 
perature differences between the bomb and shield and between the shield and 
calorimeter had to be taken into account. The latter was determined each time 
by means of the difference thermocouple but the former had to be deduced 
from a separate experiment in which a vapor pressure thermometer was 
attached to the calorimeter vessel. Small temperature differences (a few 
hundredths of a degree) were found which were due to small amounts of energy 
appearing in the calorimeter vessel as a result of vibration. It was not possible 
in practice to eliminate vibration completely. The observed vapor pressures of 
helium were converted to temperatures on the ‘agreed’ scale (13). The con- 
stants of the interpolation formulas were computed using comparison data at 
about 4°, 14°, and 20°K. for formula [1] and at about 4°, 14°, 17°, and 20°K. 
for formula [2]. The constants shifted each time that the thermometer was 
cooled from liquid nitrogen or higher temperatures. At 20°K. or below no shift 
in the constants could be detected over a period of two days. 





INTERPOLATION FORMULAE 
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Fic. 2. Deviation of the carbon thermometer scale from the thermodynamic scale. 


Finally in a separate experiment the carbon thermometer was compared 
with a helium gas thermometer (2 cm.’ bulb, 0.4 cm.* external volume, ice 
point pressure approximately eight meters) attached to the calorimeter vessel. 
The results of the comparison are shown in Fig. 2 as a deviation plot. The 
deviations of formula [1] are relatively modest over the whole temperature 
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range but formula [2] becomes seriously off at the low temperature end. The 
difficulty would appear to be that the constant C in formula [2] turns out to be 
negative, which leads to a maximum in the R-T relation at low temperatures 
(at about 1.7° K. in this case). It was found most convenient to work out the 
experimental results on the scale given by formula [1] and as a last step to 
convert them to the thermodynamic scale using Fig. 2. 

The matters of the precision and accuracy of the method are best discussed 
in connection with the specific heat results for NaCl. 


THE SPECIFIC HEAT OF SODIUM CHLORIDE 

Experimental Details 

For these experiments two samples were used—pieces broken from a single 
crystal made by the Harshaw Chemical Company and fused lumps (Merck 
reagent grade). The Merck NaCl was fused in a platinum crucible and then 
poured onto a sheet of platinum in an inert gas atmosphere. Each sample was 
placed in the calorimeter under a helium atmosphere. The calorimeter vessel 
was evacuated to a pressure of 10-* mm. Hg at room temperature and finally 
sealed off with 10-* moles of helium inside as exchange gas. This amount of 
helium was so small as to not contribute to the specific heat even if it were all 
desorbed during one temperature increment. The samples were each about 
one-half mole and on the average contributed about one-third of the total 
specific heat. Temperature increments between 0.5° and 1° were used through- 
out. The equilibrium times following admission of energy to the calorimeter 
vessel varied from about 30 sec. at the lowest temperatures to about five 
minutes at 20°K. 





be © PRESENT EXPERIMENTS (HARSHAW) 
“2 ® - - (MERCK) 

0 KELLERMAN (THEORETICAL - 1941) 
"8880, 
°} 


x CLUSIUS, GOLDMAN & PERLICK(/94: 


8 











0 5 
T. (%.) 


Fig. 3. The Debye characteristic temperature (@p) for NaCl as a function of temperature. 
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Results and Discussion 


The results of the experiments are summarized in Fig. 3 in the form of a plot 
of the apparent Debye characteristic temperature, 9p, versus the absolute 
temperature. 6p was computed for each experimental value of the specific 
heat by means of the equation 


[3] Cy = 464.5 (T/6p)* cal./gm. atom deg. 


The difference between C, and Cy could reasonably be neglected in this tem- 
perature region. One notes that as T is reduced below 20°K. 6p increases at 
first fairly rapidly but below about 8°K. much more slowly. This behavior is in 
agreement with the work of Blackman (2) who showed that an exact fit of the 
Debye model (6p practically a constant) was only to be expected at tempera- 
tures of the order of @)/50 or less. The measured specific heat at 20°K. agrees 
almost exactly with the theoretical value deduced by Kellerman (7). 

A limiting value of @p at 0°K. can be deduced from the elastic constants of 
the crystal. Kellerman (7) gives the value of 313° which he computed by the 
Hopf—Lechner method (6) using theoretically derived elastic constants. 
Recently Overton and Swim (10) have determined the elastic constants of 
NaCl down to 60°K. and have estimated the values at 0°K. by extrapolation. 
Using their values of the elastic constants and a simpler method of calculation 
due to Bhatia and Tauber (1), one derives the value of 321° for @p at O°K.., 
which agrees with 6p deduced from the experiments at the lowest temperatures 
within the experimental uncertainty. 

The agreement between the results for the two samples of NaCl is of interest 
as one might expect that imperfections in the fused sample could have a 
measurable effect on the low temperature specific heat. 

Using the criterion that the specific heat should be a smooth function of the 
temperature, it was established that the precision of measurement of the total 
heat capacity was 0.3% at worst. That is, for any one set of experiments the 
results were consistent with a smoothed function to this extent. The accuracy, 
however, depends on the fixing of the temperature scale in an absolute sense. 
The possible errors involved in this can be estimated. Under the unfavorable 
condition of the NaCl contributing only one third to the total specific heat, it 
would appear that the accuracy of the results for NaCl is 1% or better from 
20° down to about 7°K. Below the latter temperature the accuracy decreases 
to about 5% at the lowest temperature reached. Furthermore, the experi- 
mental and theoretical results for NaCl agree within these limits. 
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THE PHOTOLYSIS OF ACETONE IN THE PRESENCE OF 
HYDROGEN BROMIDE! 


By M. J. RipGe? anp E. W. R. STEACIE 


ABSTRACT 


The presence of hydrogen bromide during the photolysis of acetone sharply 
inhibits the yields of carbon monoxide, ethane, and volatile methyl radical 
derivatives as measured by the function (CH,+2C:He¢). The observed effects can 
be explained on the assumption that both acetyl and methyl radicals react 
rapidly with HBr. 


INTRODUCTION 


The photolysis of acetone has been extensively used as a source of methyl 
radicals. The subsequent reactions of these with other substances are accessible 
to study when mixtures of acetone and a substrate are photolyzed. These 
methods have recently been applied by Raal and Steacie (6) to halogen- 
substituted hydrocarbons. It has, however, been discovered that the photo- 
lysis of acetone in the presence of certain chlorine-substituted hydrocarbons is 
accompanied by complicating side reactions leading to the formation of 
hydrogen chloride (2, 7). Cvetanovic and Steacie (3) have studied the photo- 
lysis of acetone in the presence of hydrogen chloride and have shown that 
methyl radicals react rapidly with hydrogen chloride which is largely regener- 
ated by the abstraction of hydrogen atoms from acetone by chlorine atoms. 

The work of Anderson and Kistiakowsky (1) indicates that methyl radicals 
react rapidly with hydrogen bromide also. However, there are reasons for 
believing that the photolysis of acetone in the presence of hydrogen bromide 
may not proceed entirely analogously with the hydrogen chloride case. In the 
oxidation of hydrocarbons the presence of hydrogen bromide profoundly 
modifies the reaction, the effect being attributed to the abstraction of a 
hydrogen atom from hydrogen bromide by peroxy radicals. Hydrogen chloride 
does not exert the same effect. 


EXPERIMENTAL 
Apparatus 


The optical system was as previously described and included a G.E. 935 
phototube so that the intensity of the incident light could be controlled (7). 
The light source was a Hanovia S-500, medium pressure lamp. The experi- 
ments were carried out using a Corning 0.53 filter (Pyrex) with a ‘“‘cut-off’’ 
below 2800 A. The analysis system was of the type usually used in this labora- 
tory and included a Le Roy-Ward still, McLeod gauge, Toepler pump, and a 
gas burette. Since hydrogen bromide reacts slowly with mercury, a reaction 


‘Manuscript received August 3, 1954. 
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system was adopted in which taps greased with silicone grease were employed 
and contamination by mercury vapor was reduced to a minimum. 

The acetone was prepared as previously described (7). Hydrogen bromide 
was prepared by adding bromine to tetralin. The crude hydrogen bromide was 
passed through a red phosphorus column to eliminate excess free bromine, and 
through a bubbler filled with a concentrated aqueous solution of hydrogen 
bromide in order to remove bromides of phosphorus. The gas was then sub- 
jected to three bulb to bulb distillations from acetone drv ice to liquid air 
temperatures, first and last thirds being rejected. The fraction retained was 
kept frozen in liquid nitrogen and samples were taken by warming to dry ice 
temperature. The frozen solid was quite white. 

Preliminary Experiments 

In view of the “tail-off” towards longer wave length in the absorption 
spectrum of hydrogen bromide, some preliminary experiments were carried 
out to determine the effect on hydrogen bromide of light of the wave lengths 
passed by the filter. 

Hvdrogen bromide, 635 mm., was admitted to the reaction vessel at 150°C. 
Within the experimental error the intensity of the emergent beam as deter- 
mined by the phototube was unaffected by the admission of the reagent. In the 
pressure region of the photolysis experiments absorption could theretore be 
safely neglected. 

Hydrogen bromide, 101 mm., was illuminated for four hours at 150°C. The 
fraction uncondensable at —196°C. was found to be negligibly small. In 
general, preliminary experiments indicated that decomposition of hydrogen 
bromide could be neglected. This conclusion is borne out in the experiments by 
the virtual absence of hydrogen among the products. 


RESULTS 
Products of the Photolysis of Acetone in the Presence of Hydrogen Bromide 
The major products (Table I) were methane and carbon monoxide. A trace 
of hydrogen was detected in the run with 50 mm. hydrogen bromide, but none 
at all in the run with 20 mm. hydrogen bromide. In none of the remaining 


experiments (in which the analyses were carried out by conventional gas 
analysis methods) was there any indication of the presence of hydrogen, and 


TABLE I 
PRODUCTS OF THE PHOTOLYSIS OF ACETONE IN THE PRESENCE OF HYDROGEN BROMIDE 











Concentration, 














micromoles /cc. Products, micromoles 
Run Temp., Time, Acetone Sedeame Methane Cates Hydrogen Ethane 
a hr. bromide monoxide 
100 150 4 1.854 1.987 . 4.99 1 24 0.07 0 05 
112 201 4 1.888 0.748 10.75 4 85 None 0.04 


detected 
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it may therefore be disregarded as a significant product. With the quantities 
of hydrogen bromide employed here, ethane has been reduced to almost 
negligible proportions. 


Effect of Concentration of Hydrogen Bromide 

The effect of hydrogen bromide over a range of concentrations is shown in 
Tabie I]. The experiments were carried out with 50 mm, acetone at 150°. 
Throughout the series the light intensity was maintained constant. 


TABLE II 


THE EFFECT OF CONCENTRATION OF HYDROGEN BROMIDE ON THE PHOTOLYSIS OF ACETONE 
Time of irradiation 4 hr.; Temp. 150°C. 











Concentration, 











micromoles/cc. Products, micromoles 

| = 
Run Acetone Hydrogen Methane Carbon Ethane CHs+2C>He 

3 bromide monoxide co 

105 1.900 je 4.29 7.76 4.29 1.66 

110 1.889 0.068 9.99 3.88 0.07 2.61 

" 106 1.901 0.190 7.41 1.95 0.02 3.82 
107 | 1.891 0.372 5.80 1.34 0.02 4.36 
109 1.889 0.778 4.83 0.76 0.02 6.4 
108 1.904 1.934 4.32 0.82 0.02 §.3 
104 1.900 3.870 4.47 0.90 0.02 5.0 
111 1.892 — 4.23 7.45 4.01 1.65 

2 - 

n 

n 


Table II shows that the addition of hydrogen bromide to acetone has 
'y resulted in a striking reduction of the carbon monoxide, volatile methyl 
radical (CH,+2C;He¢) and ethane yields, the ethane yield being in most cases 
too small for accurate measurement. For small concentrations of hydrogen 
bromide the effect is strongly dependent upon hydrogen bromide concentra- 
tion but becomes independent of hydrogen bromide at higher concentrations. 

Another striking effect of hydrogen bromide is the inhibition of the carbon 
monoxide yield. The addition of only 20 mm. of hydrogen bromide (run 109) 
ng reduced the carbon monoxide yield to 10% of its value in the absence of 
a8 hydrogen bromide. This behavior is contrary to that of hydrogen chloride, 
nd which produces no effect upon the carbon monoxide yield (3). 


ce 
ne 


The Effect of Temperature on the Inhibition by Hydrogen Bromide 

E This is shown in Table III. At each temperature two photolyses were carried 
out at the same light intensity. One of these was a blank with acetone alone. 
Throughout the series the time of irradiation and concentration of reagents 

-— were maintained constant, except with runs 194 and 195 where longer exposures 
were used so as to increase the amount of products. An attempt to maintain 
— | the illumination constant over the whole series had to be abandoned owing to 
difficulties arising from the fogging of the cell windows, which became more 
04 pronounced as the temperature was raised. Experiment pairs with the same 
number outside the bracket were carried out at the same light intensity. 
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TABLE III 


THE EFFECT OF TEMPERATURE ON HBr INHIBITION OF ACETONE PHOTOLYSIS 
Time 4 hr. 








Concentration, 
micromoles/cc. 


Products, micromoles 








Run Temp. Acetone Hydrogen CH, co C:He CHst2CrHe 
bromide co 
1 {113 51.1 1.895 — 0.64 1.18 1.26 2.68 
\114 51.7 1.890 0.770 1.73 0.04 0.07 46.8 
3 {123 99.8 1.900 —_ 0.97 5.16 4.62 1.99 
\124 100.7 1.895 0.755 2.46 0.09 0.10 29.5 
4 {125 119.7 1.891 — 1.68 §.57 4.46 1.90 
{126 119.8 1.900 0.759 2.95 0.23 0.08 13.5 
1 105 149.6 1.900 —_ 4.29 7.76 4.29 1.66 
f109 149.8 1.889 0.778 4.83 0.76 0.02 6.38 
1 {3 199.4 1.898 _— 11.82 11.04 2.54 1.53 
120 199.5 1.898 0.757 12.79 5.84 2.19 
5 te 219.6 1.881 — 10.84 8.00 0.80 1.56 
128 218.8 1 898 0.752 10.80 5.69 0.09 1.93 
2 {331 249.7 1.893 — 17.42 11.59 0.63 1.61 
1122 249.8 1.890 0.758 13.33 7.02 0.11 1.94 
6 = 299.8 1.850 —_ 13.60 8.26 0.02 1.65 
1169 299 .2 1.873 0.760 12.80 7.07 0.02 1.82 
we {194 47.0 1.953 —_— 0.18 0.77 0.94 2.08 
\195 48.0 1.947 0.791 1.09 0.07 0.02 16.1 











*Time six hours. 


Table IV shows for each temperature the carbon monoxide deficiency, — ACO, 
obtained by subtracting the carbon monoxide yield for the run with hydrogen 
bromide from the value for the run at the same temperature and light intensity 
with acetone alone, and the volatile methyl radical deficiency, — ACH:, obtained 


CARBON MONOXIDE AND VOLATILE METHYL RADICAL DEFICIENCIES RESULTING FROM THE 
ADDITION OF HYDROGEN BROMIDE TO ACETONE 


TABLE IV 














CO yield 

Temp., —AcCcoO, —ACH,, for acetone, -4CO —ACH; 
a micromoles micromoles micromoles co —ACO 
51 1.14 1.29 1.18 0.97 1.13 
100 5.07 7.55 5.16 0.98 1.49 
120 5.34 7.49 §.57 0.96 1.40 
150 7.00 8 02 7.76 0.90 1.15 
200 5.20 4.11 11.04 0.47 0.79 
219 2 31 1.46 8.00 0.29 0.63 
250 4.57 5.13 11.59 0.39 1.12 
300 119 0.80 8.25 0.14 0.67 
48 0.70 0.92 0.77 0.91 1.31 

















RIDGE AND STEACIE: PHOTOLYSIS 387 


in the same way from the function (CH,+2C,H¢). The ratio of the carbon 
monoxide deficiency to the yield of carbon monoxide for the acetone photolysis 
is nearly unity up to 120°C. and then falls off as the temperature increases, 
but even at 300°C. it is still 0.14. Over the whole range the value of —ACH;/ 
ACO is of the order of magnitude of unity. 

The absolute values of the carbon monoxide deficiency and the volatile 
methyl radical deficiency are significant only as showing a general tendency, 
since illumination was maintained constant only over the pairs 113, 114; 
105, 109; and 119, 120. It is seen that they rise to maximum at 150° and then 
fall away again. 

The Effect of Time of Irradiation in the Presence of a Small Amount of Hydrogen 
Bromide 

Table V shows the effect of increasing times of irradiation on 100 mm. of 
acetone at 150° in the presence of 0.3 mm. of hydrogen bromide. The results 
of an experiment with the same pressure of acetone in the absence of hydrogen 


TABLE V 


EFFECT OF TIME OF IRRADIATION ON THE PHOTOLYSIS OF ACETONE IN THE PRESENCE OF A 
SMALL AMOUNT OF HYDROGEN BROMIDE 


Acetone 100 mm.; hydrogen bromide 0.30 mm.; Temp. 150°C. 








Concentration, 














micromoles /cc. Time Products, micromoles CHs+2C:He co Recta 
Run of run, co Time, Revs 
Acetone Hydrogen hr. Methane Carbon Ethane micromoles/ 
bromide monoxide hr. 
130 3.779 -- 3 5.89 7.73 3.34 1.63 2.58 1.76 
132 3.774 0.0113 3 9.89 7.18 1.03 1.66 2.39 9.60 
133 3.774 0.0113 6 18.11 15.12 3.18 1.62 2.52 5.70 
131 3.779 0.0113 9 24.73 21.28 4.93 1.63 2.37 5.02 





bromide are included for comparison. Although the carbon monoxide yields 
show more scatter than usual, it appears that even this amount of hydrogen 
bromide has inhibited the carbon monoxide yield to some extent. 

The effect of the addition of 0.3 mm. of hydrogen bromide has been to 
increase the methane yield at the expense of the ethane yield, the ratio 
CHi+2C2H6/CO remaining constant. The ratio Ren,/Reou, (Ren, = rate of 
methane formation etc.) shows a drop as the time of irradiation is increased, 
presumably indicating that hydrogen bromide is slowly spent as the photo- 
lysis proceeds. However, the magnitude of the effect produced is such that a 
large part of the HBr reacting must be regenerated. 


DISCUSSION 


The effect of hydrogen bromide on the photolysis of acetone is particularly 
striking. As little as 1.5 mm. in 50 mm. of acetone at 150° practically eliminates 
the ethane yield (run 110, Table 11), reduces the carbon monoxide yield to 
almost half its value in the absence of hydrogen bromide, brings about a 
considerable increase in the yield of methane and an increase in the ratio 
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(CH,+2C.2H.)/CO to a value well over 2. The last effect is a plain indication 
that the reaction is not a simple case of photodecomposition of acetone to give 
methyl radicals and carbon monoxide, followed by the abstraction of hydrogen 
from the hydrogen halide by the methyl radicals, as appears to be the case in 
the photolysis of acetone — hydrogen chloride mixtures (3). 
That hydrogen abstraction (2) is, however, involved 
CH;+HBr = CH,+Br [2] 


is fairly clear from the results of the photolyses for various lengths of time, 
with very small additions of hydrogen bromide (see Table V). In this case the 
carbon monoxide yield was only slightly affected and the ratio (CH,+2C2H¢)/ 
CO remained the same as for acetone alone, the drop in the ethane yield on 
addition of hydrogen bromide being accounted for by a corresponding increase 
in the methane yield. From the same series of experiments it is likewise clear 


that the reaction 


occurs sufficiently rapidly compared with other reactions of bromine atoms for 
the hydrogen bromide to be partly regenerated, as has already been discussed. 
This result is of significance for the photolysis of acetone in the presence of 
bromine substituted hydrocarbons, as it indicates that the formation of even 
small quantities of hydrogen bromide will result in serious complications as 
far as interpretation of the results and derivation of activation energies 
concerned. 

Hydrogen bromide in greater concentration brings about a marked reduc- 
tion in the volatile methyl radical yield (CH4+2C.H¢); for example, at 150° 
the addition of 9.8 mm. hydrogen bromide to 50 mm. acetone reduces the 
volatile methyl radical yield to less than half its value in the absence of 
hydrogen bromide (run 107, Table II). This indicates that methyl radicals 
are either undergoing reactions not leading to methane or ethane produc- 
tion, or that the photolysis of acetone is so interfered with by the presence 
of hydrogen bromide, that there is a reduction in the number of methyI radicals 
produced. 

A striking feature of the effect of hydrogen bromide is the sharp suppression 
of the carbon monoxide yield. This is almost certainly due to a rapid reaction 
of acetyl radicals with HBr to form acetaldehyde. 

Table IV shows that the ratio -ACH;/—ACO is approximately unity over 
the range of temperature studied. If the values most likely to be in error are 
omitted, viz. for 300° where the degree of inhibition is small, and for 50° where 
the amount of products is small, the average value is 1.1. However, this ratio, 
as calculated from the figures of Table ITI, alone is of limited significance. It is, 
however, consistent within the experimental error with a mechanism in which 
the loss of CH; and of CO is due to loss of acetyl! radicals. 

Attempts were made to detect acetaldehyde among the products of photo- 
lysis of acetone — hydrogen bromide mixtures, but these were not successful. 
It is felt, however, that this is not a serious objection as there was a considerable 
amount of tarry products and acetaldehyde may well have been lost in these. 








gS vo vv = Ww oe 


ce 
als 


on 
on 


ver 
are 
ere 
tio, 
+ 1S, 
‘ich 


»to- 
ful. 
ible 





RIDGE AND STEACIE: PHOTOLYSIS 389 


The Reaction Mechanism 


The observed effects are therefore accounted for by the following reaction 
scheme: 


CH;.CO.CH;+/v = CH;.CO+CH; [I¢] 
CH;.CO = CH;+CO (1) 
CH;+HBr = CH,+Br {2} 
CH;.CO+HBr = CH;.CHO+Br [3] 
Br+CH;.CO.CH; = HBr+CH:.CO.CH; [4] 
CH;+Br = CH;Br [5] 


Since the light used in these experiments was largely 3130 A, we assume that 
the initial decomposition of acetone proceeds predominantly to a methyl and 
an acetyl radical (5). The acetonyl radical will presumably disappear by 
association to form bromoacetone or methyl ethyl ketone. 

From the above scheme 


d{CHs.CO}/dt = 1¢—ki[CH;.CO]—#:{CH;.CO} [HBr] = 0. I 
Also d{CO]/dt = k,{(CH;.CO], 
; [CH;.CO] = d[CO]/dt. /k:. Il 


Substituting II in I and rearranging 
I@ = d(CO]/dt+k;/k,.{HBr].d[CO]/dt. 


Identifying If with Reo, the rate of carbon monoxide formation for acetone 
alone, and setting Ro equal to d[CO]/dt, the rate of carbon monoxide forma- 
tion in the presence of hydrogen bromide, we obtain on rearranging: 


Reo/R&Eo—1 = ka{[HBr]/ky 
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390 CANADIAN JOURNAL OF CHEMISTRY. VOL. 33 


Fig. 1 shows log Rco/R&o—1 plotted against 1/7. The points lie about a 
straight line with a slope corresponding to about —13 kcal./mole for the 
difference E;—E,. The activation energy of reaction (1) is not known precisely 
but has been estimated at from 10 to 18 kcal./mole (4). E; is unlikely to be 
more than 5 kcal./mole. Thus, in view of the drastic approximations made 
in the above derivation the value of — 13 kcal./mole for E;— F; is a reasonable 
one, and to this extent supports the mechanism suggested. 

If the inhibition of the acetone photolysis by hydrogen bromide is due 
entirely to the reaction of acetyl radicals the yield of (CH,+2C.H¢) for the 
inhibited reaction cannot be less than the carbon monoxide yield of the 
corresponding uninhibited reaction. However, reference to Table II shows 
that the volatile methyl] radical yield of the inhibited reaction falls appreciably 
below the carbon monoxide yield for acetone alone. This may be attributed 
to reaction (5). As noted previously with the experiments with 0.3 mm. hydro- 
gen bromide, hydrogen bromide is gradually spent despite the regenerative 
reaction. With the higher concentrations of hydrogen bromide used in the 
experiments over a range of temperatures, the production of bromine atoms 
must become appreciable. 
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THE EFFECT OF PRECIPITATION CONDITIONS ON THE FLOW 
PROPERTIES OF SILICA DISPERSIONS' 


Ry A. F. SrrRIANNI AND I. E. PuDDINGTON 


ABSTRACT 


The pH of the solutions in which silica is precipitated from sodium silicate has 
a marked effect on the flow properties of pastes prepared by subsequently dis- 
persing the silica in liquid hydrocarbons. The yield value of this non-Newtonian 
suspension exhibits a pronounced maximum when silica precipitated at about 
pH 5 is used. An explanation based on the properties of the solid-liquid interface 
is proposed. 


INTRODUCTION 


When a dilute solution of sodium silicate is treated with acid, a sol of silicic 
acid is formed. On standing, this sol sets to a firm, transparent gel. Although 
the mechanism of this change is still a subject of investigation, it appears to be 
due to the formation of polymers from the liberated silicic acid and the cross- 
linking of these aggregates to form a three-dimensional structure. The time 
required for the sol-gel transformation to occur is termed the time of set and 
it is a function of the hydrogen ion concentration in the system when silica 
concentration and temperature are kept constant. The time of set and certain 
mechanical properties of the gel can also be altered by the use of chemical 
additives (12, 13). A number of substances show this effect, including alcohols, 
aldehydes, ketones, and sugars. 

Since the time of set is an indication of particle—particle interaction, it might 
be expected that factors that change the time of set materially may also in- 
fluence the other properties of the gel that depend on interaction between 
particles. A recent and interesting use to which silica has been put is its addi- 
tion to liquid hydrocarbons to produce highly thixotropic pastelike dispersions. 
Since thixotropy is caused by the interaction of solid phase particles, it seemed 
probable that the conditions of preparation of the original silica gel would 
influence the properties of the paste. The present communication describes 
part of the work undertaken in this connection, viz., the effect, on the flow- 
properties of the hydrocarbon-silica dispersions, of altering the pH at which 
gels of constant concentration are prepared. 


EXPERIMENTAL 


The silica aqua gels were prepared by adding sulphuric acid to an appropriate 
concentration of N grade sodium silicate produced by the Philadelphia Quartz 
Company. The following procedure was typical: 100 gm. of 41° Baumé silicate 
were diluted to 450 cc. with distilled water in a 2 liter beaker. The silicic 
acid was precipitated during vigorous agitation by the addition of about 
550 cc. of dilute sulphuric acid. The pH of the sol was taken with a Beckman 
pH meter before gelation occurred, the quantity of acid being adjusted to give 
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gels that varied in pH from 1.0 to 8.6. Variations in the time of set of these 
sols were similar to those observed by other investigators. The concentration 
of SiO, in all the gels was approximately 2.8%. 

The gels were allowed to age for 24 hr. at 25°C., after they had set. They were 
then washed until substantially free from soluble salts. This was normally 
accomplished with four 1-liter portions of distilled water, the gel and wash 
water being mixed in a Waring Blendor before filtering. In a few experiments 
the gel was extracted until no sulphate could be detected in the wash water. 
As subsequent experiments indicated no significant difference between these 
gels and those washed by the first procedure, the simpler method was used. 
Changes in pH of the gel during the setting period were small and in the 
expected direction (7). 

Silica may be dispersed in non-aqueous media and still retain much of the 
structure developed during the sol-gel transformation by either of the follow- 
ing methods. In the first, the water in the aqua gel is exchanged with a solvent 
miscible both with water and with the liquid medium in which the silica is to 
be dispersed. This may be done conveniently by a process of exhaustive 
extraction. In the present work acetone was used as the solvent. The exchange 
was carried out in a continuous liquid extractor fitted with a fractionating 
column to deliver substantially dry acetone to the sample. Solvent replacement 
was considered complete when a test sample of silica did not shrink when 
placed in high boiling liquid hydrocarbon and the solvent flashed off. Silica— 
hydrocarbon dispersions could now be prepared by adding an appropriate 
quantity of silica—acetone gel to the hydrocarbon, flashing off the acetone, 
and subjecting the system to mild homogenization. 

The second method consists in first producing a silica aerogel by the method 
of Kistler (8) followed by dispersing a known amount of the aerogel in the 
hydrocarbon using a shearing device. 

The flow properties of the pastes produced by these methods could be 
examined using conventional apparatus. 

The pastes from solvent exchanged silica were made up to contain 5.76% of 
silica by weight in a highly paraffinic oil having a viscosity of about 0.65 poise 
at 38°C. Pastes prepared from aerogels contained 5.0% of silica by weight. 
Owing to the similarity of refractive index of the two phases, the dispersions 
were quite transparent. Viscometric measurements were made using an 
extrusion plastometer that was equipped with a capillary having an orifice 
0.089 cm. in diameter and 2.45 cm. in length. Compressed nitrogen provided a 
source of variable pressure. The samples were degassed by being placed in a 
vacuum desiccator for about 20 min. and were charged into the viscometer 
under reduced pressure to lessen the danger of entrapping air bubbles. 

From the outflow time, weight of material extruded, and pressure used, the 
rates of shear and apparent viscosity were calculated for the various samples 
using Poiseuille’s equation. The results were examined by plotting the apparent 
viscosities against the reciprocal of the rate of shear and by calculating the 
residual viscosity and coefficient of thixotropy or yield value from the inter- 
cept at infinite shear and the limiting slope of the graph at high shear rates. 
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RESULTS AND DISCUSSION 


Typical data showing the changes in the yield value of the silica—oil disper- 
sions with the variation of the pH at which the silica was precipitated are 
shown in Fig. }. During a period of several years, more than 60 individual 
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Fic. 1. Dependence of the yield value of silica-hydrocarbon pastes on the conditions under 
which the silica is precipitated. 





experiments have been conducted using the silica obtained from several 
samples of sodium silicate and using both the solvent exchange and aerogel 
techniques in the preparation of the silica—oil pastes. With minor variations 
the flow properties of the dispersions follow the pattern indicated in Fig. 1. 
The maximum in the curve obtained with pastes prepared via the aerogel 
technique is usually displaced slightly to the left. However, by redispersing 
samples of the silicas in water, it was found that the pH of the dispersions 
prepared from the aerogels was higher than comparable samples prepared 
from solvent exchanged silica. The change in acidity apparently occurs during 
the preparation of the aerogel and compensates for the apparent displacement 
of the maximum. 

Comparison of the residual viscosities of these systems (1, 5, 15) indicates 
an apparent increase in the axial ratio of individual particles of silica in the 
vicinity of pH 5. This, however, may actually be an increased porosity in 
particles of cross-linked gel at this pH. No differences could be detected in the 
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various samples of silica when the pastes prepared from them were examined 
with the electron microscope. To determine whether or not this apparent change 
in shape factor could account for the maximum found in the yield value, three 
silica aqua sols, adjusted to pH 5.0, 6.6, and 2.5 respectively, were prepared 
and allowed to gel. After the gels had aged for 24 hr., each was divided into 
three portions, extra water was added, and each portion agitated until a 
smooth slurry was produced. One of the portions from each batch was retained 
as a control and to each of the others acid or alkali was added to adjust the pH 
of the slurries to 2.9 and 7.1 for the first batch, 5.0 and 4.0 for the second, and 
5.0 and 7.0 for the third. After a further 24 hr. period of aging, the silica samples 
were washed, solvent exchanged with acetone, and dispersed in oil as previously 
described. When the flow properties of these nine dispersions were examined 
and the yield values plotted as a function of conditioning pH it was found 
that a reasonably smooth curve very similar in shape to Fig. 1 could be drawn 
through the points. The apparent viscosity at infinite shear was virtually 
independent of the conditioning pH values in each of the three batches. These 
results would seem to indicate that the phenomenon is due predominantly to 
the surface properties of the silica rather than to the shape of the particles. 

The maximum in yield value apparently bears no relation to the minimum 
time of set of silica gels since this occurs at about pH 8 (13), nor is it related to 
the rigidity of the aqua gels (11). It does appear to occur in a region where 
elastic recovery of the aqua gel is high and very near the isoelectric point 
determined by Batchelor (2). 

Schneiderwirth (14) has noted that aqueous dispersions of insoluble alkaline 
earth salts show a maximum in thixotropy at pH 5 and the apparent viscosity 
of aqueous suspensions of TiC and TiN have been observed to pass through a 
maximum at pH 6 (16). Mukherjee and Mitra (10) have reported a very 
pronounced maximum in the viscosity of suspensions of bentonitic clay at 
about pH 6.5 and Hauth (6) has noted a similar phenomenon with aqueous 
alumina. Thus maxima in apparent viscosity with changes in pH do not appear 
to be uncommon with aqueous inorganic suspensions. No record of a similar 
occurrence with non-aqueous media was found, however. 

Since the maximum in yield value must be associated with a high degree of 
flocculation and instability of the system, this is to be expected at or near an 
isoelectric point. Although it has been pointed out recently (9) that while the 
usual double layer considerations may apply in a number of non-aqueous 
systems they would not be expected in such apolar liquid media as hydro- 
carbons. Garner, Nutt, and Mohtadi have been able to demonstrate electro- 
kinetic phenomena with carbon dispersed in highly non-polar systems (4). 
Electrokinetic effects could not be observed with these dispersions of silica 
after suitable dilution. However, it is perhaps not unreasonable that a partial 
layer of acid or alkali sorbed on the silica surface on either side of the iso- 
electric point would confer a degree of stability to the system in proportion to 
the percentage of surface covered, with a consequent reduction in the yield 
value. This effect may be enhanced by the presence of oil soluble polar com- 
pounds in the liquid phase. 
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Chaudhury (3) has suggested the possible influence of the free energy at the 
solid—liquid interface on the stability of colloidal systems. The effect of screen- 
ing ions on the surface energy of quartz and its relation to the rheological 
properties of aqueous clay and sand suspensions has been emphasized recently 
in a review by Weyl (17). That the effect may be even more pronounced in 
non-aqueous media is also indicated. Certainly the initiation of flow in a 
thixotropic paste involves the creation of fresh solid—liquid interfaces, since 
electrical properties of pastes indicate solid-solid contact in the unsheared 
condition. High interfacial surface energies might be expected to contribute to 
the high yield values of the less stable systems, while the possible reduction of 
surface energies due to the adsorption of ions is in keeping with the greater 
stability found with the systems where the silica was precipitated above and 
below pH 5. Many examples can be cited where spontaneous adsorption of 
molecules dissolved in the liquid phase has increased the stability of suspen- 
sions in hydrocarbon media. This process presumably takes place with a 
substantial reduction of the free energy of the solid—liquid interface. 
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THE PHOTOLYSIS OF MIXTURES OF ACETONE AND SOME 
HALOGENATED HYDROCARBONS! 


By M. J. RipGeE? anp E. W. R. STEACIE 


ABSTRACT 


The composition of the products of photolysis of acetone in the presence of 
methyl chloride, methyl bromide, methylene chloride, and methylene bromide 
has been determined. These reactions are attended by complications not found 
with the photolysis of acetone-hydrocarbon mixtures. Failure to take into 
account reactions resulting from the formation of halogen hydrides and to allow 
for the presence of ethylene invalidates the values obtained by Raal and Steacie 
for the activation energy for hydrogen abstraction by methy] radicals from some 
halogenated hydrocarbons. 


INTRODUCTION 


The photolysis of mixtures of acetone and some halogenated hydrocarbons 
has been investigated by Raal and Steacie (4), who found ethane, methane, 
and carbon monoxide as volatile products. Assuming that all methane arose 
from hydrogen abstraction by methyl radicals from acetone and the particular 
halogenated hydrocarbon, and that all ethane arose from the combination of 
methyl radicals, Raal and Steacie obtained values for the activation energy of 
a number of reactions of the type 


CH;+CH;X = CH,+CH.2X 


where X = Cl, Br, or F. 

However, the photolysis of acetone in the presence of carbon tetrachloride 
and chloroform has been studied by Cvetanovic et al. (1) and with both sub- 
strates hydrogen chloride was found among the reaction products. In view of 
the rapid hydrogen abstraction from hydrogen chloride by methyl radicals (2), 
the formation of hydrogen chloride during the course of the reaction invali- 
dates the kinetic treatment applied by Raal and Steacie to the photolysis of 
acetone in the presence of chloroform. 

The present paper describes the results of an investigation into the com- 
position of the products of the photolysis of acetone in the presence of methyl 
chloride, methylene chloride, methyl bromide, and methylene bromide. 


EXPERIMENTAL 


The apparatus was of the same general design as that used by Cvetanovic 
and Steacie (2), with provision for the exclusion of mercury vapor from the 
reaction cell. Silicone grease was used as a stopcock lubricant. When constant 
illumination over a series of runs was required, the current through the lamp 
was adjusted to give constant intensity of the emergent light as measured by a 
phototube reading. In fact, the current through the lamp required to be con- 

'Manuscript received August 12, 1954. ; ; 
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stantly increased as the exposure continued, owing to the deposition of opaque 
matter on the windows of the reaction cell (chiefly on the front window). 

Two filters were used alternatively, viz.: 

(a) A Corning 7.54, with a “cutoff” below 2300 A. 

(6) A Corning 0.53, with a ‘“‘cutoff” below 2800 A (Pyrex Filter). 

Analysis of products was carried out by means of a modified Ward still (3) in 
conjunction with standard gas analysis methods. Analyses of fractions from 
the Ward still were also carried out by means of the mass spectrometer. 


RESULTS 
Acetone — Methyl Chloride Mixtures 


The results of a number of experiments with acetone - methyl chloride 
mixtures are given in Table I. The products are those to be expected from the 
photolysis of acetone or from hydrogen abstraction by methyl radicals from 


TABLE I 
PHOTOLYSIS OF ACETONE — METHYL CHLORIDE MIXTURES AT 150°C. 








Concentration, 
nM./cc. Products, uM. 
Run Time, Remarks 
Acetone CH;Cl sec. CH, co C:3Hs C2H, 


38 §=6.3.890 §=93.685 7200 17.23 











home 
— 
| i 
oO 
gd 
o 
w 
& 





46 3. 3.771 18,000 —_ 2.30 1.27 

52 3.785 =  — 3600 3.39 5.92 2.98 0.04 

53 3.816 — 7200 7.07 11.93 4.98 0.07 

58* 1.889 1.889 7200 36.51 25.60 1.88 1.45 }Filter ‘‘A”’. 

59* 1.889 1.919 7200 35.15 25.72 2.04 1.37 | Mercury absent 

56 1.911 — 7200 —_ 28.54 _ — 

57 1.885 23.76 7200 _— 28.36 _ _ 

157 _— 14.84 57,600 0 0 (0.04) } 

60* 1.965 1.889 7200 37.34 25.49 1.82 1.28 

61* 1.878 1.879 7200 36.14 24.58 1.89 1.43 

93 1.899 1.899 5400 31.16 21.90 1.72 1.32 

94 1.900 — 5400 6.02 22.19 16.37 0 }Filter ‘‘A”’. 

95 _ 1.923 5400 0 0 0 0 | Mercury present 

96t 1.904 1.902 5400 0 0 0 0 

75 —_ 7.695 21,600 (0.04) (0.04) : 

64 1.891 1.903 7200 28.34 24.08 1.33 0.85 )Filter ‘‘A’”’. 

65 1.897 1.927 7200 27.61 23.34 1.21 1.03 }Mercury absent. 
Run No. 64 was 


carried out in the 
presence of 11.544M. 
/ec. of COs 





*Successive runs at same intensity. 
tNo illumination. 
—Product not determined. 


methyl chloride. However, ethylene is also an important product. Tests for the 
presence of hydrogen chloride among the reaction products were made by the 
method previously described (1). A series of experiments was made at 150°C. 
When methy! chloride was irradiated alone, or when mixtures of acetone and 
methyl! chloride were maintained at 150°C. for 15 hr. without irradiation, no 
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hydrogen chloride was detectable. Hydrogen chloride was, however, always 
found in irradiated mixtures of acetone and methy! chloride. 

The following conclusions may be drawn: 

(a) The formation of ethylene and HC! shows that the reaction is complex 
and invalidates the kinetic treatment of Raal and Steacie (4). 

(b) The presence of mercury vapor has no effect. 

(c) Runs 56 and 57 show that the quantum yield of CO is not affected by the 
presence of a large amount of methyl! chloride. 

(d) No appreciable quantity of gaseous products is formed on irradiating 
methyl chloride alone. 

(e) The presence of a large excess of CO: (runs 64 and 65) does not affect 
the results. Surface effects or effects due to excited molecules are therefore 
unimportant. 

A few experiments were also made with deutero-acetone and methy] chloride. 
The C, fraction consisted of CO, CD3;H, and CD,. The absence of CH, and 
CH:;D is further evidence that no direct decomposition of CH;Cl is occurring. 
The ethylene fraction was mainly C,D2H2. This rules out the possibility of 
ethylene resulting from disproportionation of CH:2Cl or dimerization followed 
by decomposition. Ethylene presumably results from the decomposition of 
complex products perhaps formed from CH2Cl and CH;COCH:2. 


Acetone — Methylene Chloride Mixtures 

Similar experiments were carried out with methylene chloride. Appreciable 
amounts of hydrogen chloride were found among the reaction products. Traces 
of HCI were found, however, when methylene chloride alone was irradiated. 
Acetone — Methyl Bromide Mixtures 

Similar experiments were carried out with acetone — methyl bromide mix- 
tures. The results for a typical run were: 


Temperature: 150°C. 


Filter: + 2 

Acetone: 100 mm. 

Methyl bromide: 100 mm. 

Time: nine hours 

Products uM. 

CH, 24.37 
CO 16.48 
C2He 1.11 
C:H, 0.19 


Ethylene was thus again formed, but in much smaller amount than with 
methyl chloride. Hydrogen bromide was not positively identified, since the 
unilluminated mixture gave a slight positive reaction. 
The complications are thus not as pronounced as with methyl chloride, but 
the results of Raal and Steacie (4) should be regarded with some suspicion. 
Similar results were obtained with methylene bromide. 
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ORGANIC DEUTERIUM COMPOUNDS 
XIII. THE MECHANISM OF THE NEF REACTION 
SYNTHESIS OF ETHANAL-1-d' 


By LEONARD C. LEITCH 


ABSTRACT 
The mechanism of the Nef reaction was investigated with nitroethane-1,1-d2. 
The isolation of 95 mole % ethanal-l-d in 70% yield renders a mechanism 
proposed by Mahler untenable, but supports others submitted by van Tamelen 
and Thiede and by Nametkin. 
INTRODUCTION 
The conversion of a primary nitroparaffin into an aldehyde or of a secondary 
nitroparaffin into a ketone is known, after its discoverer, as the Nef reaction 
(9). Its scope was later investigated by Johnson and Degering (4) when 
nitroparaffins became readily accessible from the nitration of aliphatic hydro- 
carbons. Mahler (7) defined the optimum conditions for the preparation of 
propionaldehyde from 1-nitropropane and suggested ‘‘the highly tentative 
mechanism” shown below. 


o- o- 
H+ / 
R—CH=N* —» R—CH=N* (a) 
o- OH 
o- o- 
f H:0 rd 
R—CH=N = R—CH—N* (b) 
\ | 
OH OH H OH 
o- 
—H,0 
R—CH—N* — R—C=N*—O- (c) 
is i > head 
H H OH HH 
OH 
H:0 l 
R—C=N+—O — R—C—NHOH (d) 
OH H H 
OH OH 
_t H,O Ree 
R panne — R—CH +NH(OH):; (e) 
OH OH 
2 NH(OH); => N:0+2 H;O - 
) 
R CH(OH): — R CHO+H;0 


‘Manuscript received October 25, 1964. 

Contribution from the Division of Pure Chemistry, National Research Laboratories, Ottawa, 
Canada. Issued as N.R.C. No. 3489. Presented at the 126th meeting of the American Chemical 
Society, New York City, September, 1964. 


400 











LEITCH: ORGANIC DEUTERIUM COMPOUNDS 401 


This mechanism hinges on the addition of a mole of water in one direction, its 
elimination in another, then addition of a second mole of water, followed by 
hydrolysis. The addition of water in the manner indicated is improbable on 
account of the charge distribution between carbon and nitrogen. Also, this 
mechanism cannot account for the formation of ketones from secondary 
nitroparaffins. 

An alternative mechanism which is shown below was recently advanced by 
van Tamelen and Thiede (11). 


: O- we Ro, oH, 
- , ™ 
R’ o- R’ O- 
H+ 
R _{ OH R OH 
Yi 
a4 ~ Demot + nC 
r’| Yo R’ OH 
Fs 
4 \/ 
H # 


These authors point out a parallel between the Nef reaction and the hydrolysis 
of oximes and present evidence strongly in favor of this scheme. 

The correctness or otherwise of these mechanisms may be readily tested 
using deuterated nitroethane as a tracer; for, if the reaction proceeds as 
proposed by Mahler, nitroethane-1,1-d, (CH;CD,NO,) should give normal 
acetaldehyde because the hydrogen at C-1 is lost as water in step (c) and acet- 
aldehyde is formed by hydrolysis in step (e). On the other hand acetaldehyde 
deuterated in the functional group should result if the reaction follows the 
course suggested by van Tamelen and Thiede (11). 

Nitroethane-1,1-d,; was prepared by exchanging nitroethane with deuterium 
oxide as described for nitromethane in a previous paper (5) but in the presence 
of a weak base. After two exchanges the bands at 1330, 1255, 1132, 994, and 
811 cm.~ in the infrared spectrum of CH;CH;,NO, were reduced in: intensity 
while new bands corresponding to CH;CD,NO, appeared at 1305, 1289, and 
1025 cm~'. The mass spectrum of nitroethane shows no parent peak, but 


measurement of the peak intensity due to CH,CD; indicated that the com- 
pound contained about 45 mole % CH;CD,NO, and unknown amounts of 
CH;CHDNO, and CH;CH,NO;. There was no peak corresponding to three 
deuterium atoms in the molecule so deuteration therefore does not extend to 
the H in the methyl! group. The deuterated nitroethane was subjected to the 
Nef reaction essentially as described by Johnson and Degering (4) except that 
the acetaldehyde itself was isolated instead of its semicarbazone. The mass 
spectrum of the acetaldehyde indicated it was largely CH;CDO. The mechan- 
ism of the Nef reaction as proposed by Mahler (7) is therefore incorrect. 
On the other hand, the present work supports the alternative and simpler 
mechanism of van Tamelen and Thiede (11). 
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A minor shortcoming of their interpretation of the Nef reaction is its failure 
to account for the appearance of a transient blue color in the reaction mixture 
prior to the evolution of nitrous oxide. Nametkin (8) attributed this color to 
the formation of a nitroso intermediate.* It is possible to modify the mechanism 
of van Tamelen and Thiede(11) to include a nitroso intermediate as shown below. 


<4 ’ Pal ue "1 rs F - HO 
C=N _ C==N > 

Ro \ Rré . 

R OH R OH 

* Nn ~ oe ~ = 

RY } ‘> RN H Non 

“a 

R R OH 

\c_no = \% NOH 

n° OH RY ‘on 


2NOH ~ N;O+H;0 


The Nef reaction is well adapted to the synthesis of ethanal-1l-d and other 
aldehydes deuterated only in the formyl group on account of its simplicity 
and the high isotopic purity of the product, which is over 95% if we base our 
results on the theoretical calculation of Brinton and Blacet (3) for the mass 
ratio CDO/CHO obtained by mass spectrometry. 

The apparent discrepancy between the deuterium content of the nitro- 
ethane and that of the acetaldehyde prepared from it may be readily recon- 
ciled by reference to data in a paper by Wynne-Jones (12). According to this 
author the relative rates of ionization of the hydrogen and deuterium atoms in 
nitroethane are in the ratio 10: 1. Therefore, assuming the deuterated nitro- 
ethane contained 50% of the isotopic species, CH; CHDNO,, its ion, CH;CD= 
NO; will be present to the extent of 45%; this, added to the 45% from 
CH;CD.NO:, would lead to acetaldehyde containing 90% CH;CDO. 

Ethanal-l-d has been synthesized by Blacet and Brinton (2) in five steps 
starting from butyne-2. Another synthesis from diacetyl was reported re- 
cently by Loewus e al. (6). The first is tedious and leads to a product of low 
isotopic purity, while the second requires lithium aluminum deuteride which 
is both difficult to obtain and very expensive. Moreover, these methods are 
not suitable for the synthesis of other aldehydes deuterated in the functional 
group because the starting materials are not readily accessible. 


*This information was kindly supplied by Dr. W. E. Noland, Department of Chemistry, 
University of Minnesota, Minneapolts, Minn. 
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The ethanal-l-d reported in this work has since been used by. others in 
these laboratories in spectroscopic and photochemical studies (1, 10). 


EXPERIMENTAL 
Nitroethane-1 ,1-d2, CH;CD,NO, 

A mixture of nitroethane (25 ml.) and deuterium oxide (25 ml.) containing 
10 mgm. of dissolved anhydrous sodium acetate was heated overnight in a 
sealed tube in a rocking furnace at 90°C. The tube containing the deep-yellow 
reaction mixture was opened, attached to a vacuum line, frozen, and evacuated. 
The supernatant layer of deuterated nitroethane was distilled off through a 
U-tube containing Drierite and condensed in a trap at —78°C. The yield of 
colorless liquid was 19.0 ml. The loss is due to the formation of a water-soluble 
product by a side reaction which was not further investigated. 

The exchange was repeated with an equal volume of fresh deuterium oxide 
and sodium acetate. The yield of nitroethane-1,l-d, analyzing 45 mole % 
CH;CD.NO, was 11.0 ml. 


Ethanal-1-d, CH;CDO 

Nitroethane-1,1-d, (3.0 ml.) was dissolved in 20 ml. of ice-cold 10% sodium 
hydroxide in a small separatory funnel. The solution was added slowly drop- 
wise to one of 6 ml. sulphuric acid dissolved in 40 ml. of water, which was 
kept at 0 to 5°C. and stirred continuously. The addition of the sodium nitro- 
ethane solution produces a characteristic blue color in the sulphuric acid which 
fades as nitrous oxide is evolved. Any acetaldehyde entrained in the nitrous 
oxide was condensed in a U-tube cooled to —40°C. with dry ice and acetone. 
Stirring was continued for 15 min. after all the sodium salt solution had been 
added. When the reaction mixture was heated the acetaldehyde distilled and 
condensed in the U-tube. The product was then distilled from the U-tube 
into a graduated trap on the vacuum line. Yield: 0.8 ml. The mass spectrum 
gave the following principal peaks: 


46 (CH,.D.CDO) 3.82 
45 (CH;CDO) 136.0 
+ 
30 (CDO) 200.8 
+ 
29 (CHO) 24.83 
Evidently, ethanal-1-d is largely produced in this reaction rather than normal 
acetaldehyde. 
There is no advantage in dissolving the deuterated nitroethane in sodium 


deuteroxide. In fact, this leads to a higher peak at 46 due to CH,DCDO 
produced by the exchange: 


CH;CDO+ Dt = CH.DCDO+H?*. 
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THE BIOGENESIS OF ALKALOIDS 


XIV. A STUDY OF THE BIOSYNTHESIS OF DAMASCENINE 
AND TRIGONELLINE 


By Epwarp LEETE,? LEo MARION, AND IAN D. SPENSER? 


ABSTRACT 


Tryptophan-3-C' was prepared from methyl labelled sodium acetate and fed 
to mature Nigella damascena L. plants. Radioactivity was translocated through- 
out the plant, but no activity was detected in the damascenine isolated from it. 
Similarly the radioactive tryptophan was fed to pea seedlings and trigonelline 
detected in the plant extracts. This was also inactive, and these results are 
discussed. 


It has been suggested (25) that trigonelline (the methyl betaine of nicotinic 
acid) arises from proline by ring opening to 6-aminovaleric acid and thence to 
nicotinic acid by reaction with a one carbon fragment such as formic acid. 
Klein and Linser (18, 19) injected various amino acids into the hollow stems 
of Dahlia variabilis and other plants which produce trigonelline and they 
claimed that the amount of trigonelline increased, relative to that in control 
plants, after the feeding of ornithine, proline, glutamic acid, or 6-aminovaleric 
acid: No increase was observed after feeding arginine, tyrosine, aspartic acid, 
or other amino acids. Hexamethylene tetramine produced increases in the 
amount of alkaloid, possibly by acting as a source of formic acid. These results 
have been critically examined by James (15) who raised doubts about the 
supposed increases in the amount of alkaloid. 

Barger (3) was the first to place damascenine (the methy] ester of 2-methyl- 
amino-3-methoxybenzoic acid) amongst the alkaloids derived from trypto- 
phan by the oxidation of indole to anthranilic acid followed by hydroxylation 
and methylation. In animals and molds it has been conclusively proved that 
3-hydroxyanthranilic acid and nicotinic acid arise in the course of tryptophan 
metabolism (4, 6, 14, 20). Many biological reactions which occur in plants 
have been shown to be similar to if not identical with those occurring in 
animals and molds. It was thus conceivable that tryptophan might be the 
source not only of damascenine, but also of trigonelline. It was therefore 
decided to feed tryptophan labelled with C' in the 3-position of the indole 
nucleus to plants producing damascenine and trigonelline. If tryptophan were 
the precursor of these alkaloids radioactivity would be expected in the car- 
boxyl group of both trigonelline and damascenine. 

The preparation of tryptophan-3-C'* in 5% yield ‘rom carboxyl labelled 
benzoic acid in 11 steps has been reported (14). In the present work methyl 
labelled sodium acetate was converted to pyruvamide-?-C!* by the method 
described in the literature (2, 24) for the preparation of pyruvamide-2-C™ 
from carboxy] labelled sodium acetate. This was converted to the phenyl- 
hydrazone and quantitatively hydrolyzed to pyruvic acid phenylhydrazone 

1 Manuscript received November 4, 1954. 
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which was esterified with diazomethane and cyclized to methyl indole-2- 
carboxylate (7). The ester was hydrolyzed and the indole-2-carboxylic acid 
decarboxylated in quinoline in the presence of cupric oxide. The indole-3-C' 
was converted via gramine to tryptophan-3-C™ (1, 13, 23). The over-all 
radiochemical yield from pyruvamide to tryptophan was 6%. Direct ring 
closure of pyruvic acid phenylhydrazone to indole-2-carboxylic acid failed 
completely (11) while cyclization of pyruvamide phenylhydrazone to indole- 
3-carboxamide was accomplished in 12% yield only. Attempts to synthesize 
pyruvic acid phenylhydrazone according to Japp and Klingemann (16) in two 
steps from methyl iodide and ethyl methylmalonate (10) or from methyl 
iodide and ethylacetoacetate (9) led to the desired product in poor yields only. 

The labelled tryptophan was fed to mature five-month-old Nigella damascena 
plants via the roots and after eight days the damascenine isolated from the 
whole plant by ether extraction. The amino acid was also fed to five-week-old 
pea seedlings and after seven days trigonelline was detected in the extracts of 
the aerial parts of the plant. No trigonelline was found in the roots. Neither 
alkaloid, however, was radioactive. 

EXPERIMENTAL? 
Synthesis of Tryptophan-3-C'4 

Pyruvamide-3-C'*.—This was prepared from methy] labelled sodium acetate 
by the same method as that described for the synthesis of pyruvamide-2-C" 
(2, 24). 

Pyruvic acid-3-C'* phenylhydrazone.—Pyruvamide-3-C'* (0.834 gm., 0.0096 
mole) of activity 2.78 X 10® disintegrations per minute was dissolved in 
water (30 ml.) and a solution of freshly distilled phenylhydrazine (0.95 ml., 
0.0096 mole) in 2 N hydrochloric acid (5 ml.) was added. The mixture was 
kept at 0° for one hour and the product filtered off and washed with water 
(100 ml.). It was wetted with a little methanol, dissolved in boiling water 
(100 ml.), 2 NW hydrochloric acid (150 ml.) added, and the solution kept on the 
steam bath for two hours. The solution was cooled and the crystalline pyruvic 
acid-3-C'* phenylhydrazone filtered, m.p. 173-174°, wt. 1.382 gm., yield 81%. 

Indole-3-C'*-2-carboxylic acid.—The pyruvic acid phenylhydrazone was 
suspended in ether and treated with excess diazomethane. The solvent and 
excess reagent were removed by distillation, the residual ester dissolved in 
glacial acetic acid (6 ml.), and after cooling concentrated sulphuric acid 
(0.7 ml.) was added. The resulting solution was kept at 80° for one hour when 
crystallization of ammonium acetate was complete. It was filtered, the filtrate 
cooled, water (250 ml.) and 2 N ammonium hydroxide (50 ml.) added, and 
the mixture kept at 0° for 48 hr. The supernatant liquor was sucked off and 
the crude methy!] indole-2-carboxylate transferred to a sublimation tube and 
distilled at 120-140° at 0.001 mm. The white sublimate together with a small 
amount of yellow oil was washed out with methanol, taken to dryness, and 
hydrolyzed with hot NV sodium hydroxide (10 ml.). 2 N-Hydrochloric acid 
(12 ml.) was added, the mixture cooled for 36 hr., and the acid filtered. After 


2All melting points are corrected. 
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drying over concentrated sulphuric acid the crude indole-2-carboxylic acid, 
m.p. 176-179°, wt. 0.371 gm., was obtained in 29.7% yield based on pyruvic 
acid phenylhydrazone. 

Indole-3-C'*.—The active indole-2-carboxylic acid was refluxed with cupric 
oxide (20 mgm.) in quinoline (6 ml.) in an atmosphere of nitrogen for 16 hr. 
The mixture was cooled, diluted with ether (200 ml.), filtered, and the filtrate 
washed with aqueous sodium hydroxide and then with dilute hydrochloric acid. 
The ether solution was dried over sodium sulphate and evaporated in vacuo at 
room temperature. It left a residue consisting of crude indole-3-C'* (0.290 gm.). 

DL-Tryptophan-3-C'*.—The crude active indole was converted to gramine 
by reaction with formaldehyde and dimethylamine. The gramine (0.214 gm.) 
was diluted with inactive gramine to give a weight of 1.59 gm. which in a 
Mannich reaction yielded tryptophan-3-C" acetate (with 1 mole of acetic acid 
of crystallization), wt. 1.342 gm., with a specific activity of 1.24 x 10‘ 
disintegrations per min. per mgm., or 4.02 X 10® disintegrations per min. 
per millimole, representing an over-all radiochemical yield of 6% from 
pyruvamide. 


Pyruvamide Phenylhydrazone 


In the course of the radioactive synthesis this compound was not isolated. 
Pyruvamide (1.09 gm., 0.0125 mole) in water (10 ml.) was added to a warm 
solution of phenylhydrazine (1.35 gm., 0.0125 mole) in 2 N hydrochloric acid 
(6.3 ml.). A bulky crop of crystals separated almost immediately. After being 
allowed to stand for 10 min. the product was filtered off and recrystallized from 
hot water containing a little sodium hydroxide. Pyruvamide phenylhydrazone 
separated as shiny plates (1.95 gm., 88% yield), m.p. 143-144°. The literature 
reports m.p. 144° for this compound prepared by another method (12). Calc. 
for CgH,,ON3: C, 61.00; H, 6.26; N, 23.72. Found: C, 61.21; H, 6.33; N, 
23.34%. The substance is only very slowly hydrolyzed by 2 N aqueous sodium 
hydroxide, but is readily converted to pyruvic acid phenylhydrazone by 
dilute aqueous hydrochloric acid. 

Indole-2-carboxamide.—Ring closure of pyruvamide phenylhydrazone could 
not be effected by means of a mixture of acetic and sulphuric acids, nor by dry 
ethanolic hydrogen chloride. Boron trifluoride gave the product in poor yield. 
Pyruvamide phenylhydrazone (0.89 gm., 0.005 mole) in glacial acetic acid 
(3 ml.) was treated with boron trifluoride dietherate (1 ml.). The mixture was 
heated for 20 min. on the water bath, cooled, poured into water and the sus- 
pension extracted with ether. The dried ether extract was distilled at 0.01 mm., 
yielding two products. The first fraction was an oil (0.31 gm.) which on stand- 
ing for two months set to a glass and was not further investigated. The second 
fraction, a crystalline sublimate (0.10 gm., 12% yield), m.p. 234.5-235.5°, 
was the desired product. Caic. for CyHs,ON:2: C, 67.48; H, 5.03. Found: C, 
67.53; H, 5.09%. 


Administration of the Tryptothan-3-C'* to Nigella damascena L. 


Nigella damascena L. seeds were germinated in soil and allowed to grow for 
five months. Eighteen mature plants were transferred to a hydroponics set up 
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with the roots dipping into the nutrient solution. The nutrient solution con- 
tained, per liter, potassium nitrate (505 mgm.), calcium nitrate tetrahydrate 
(1180 mgm.), magnesium sulphate heptahydrate (495 mgm.), potassium 
dihydrogen phosphate (272 mgm.), ferrous sulphate heptahydrate (2 mgm.), 
plus traces of micronutrients (B, Mn, Zn, Mo, Cu). After two weeks in the 
nutrient solution new roots were being produced and some of the plants were 
flowering. At this stage the tryptophan-3-C'* acetate (580.1 mgm., with a 
specific activity of 4.02 X 10° disintegrations per min. per millimole, and a 
total activity of 7.21 X 10° disintegrations per min.) was equally divided 
between the plants. The tryptophan was taken up by the plant as shown by 
the day to day decreasing activity in the nutrient solution. The first day after 
feeding the total activity remaining in the nutrient solution was 5.9 X 108, 
second day 4.4 X 108, third day 2.9 X 10°, fourth day 2.0 X 10°, fifth day 
0.8 X 10°, sixth day 0.2 X 10°, seventh day 0.1 X 10° disintegrations per min. 


Isolation of Damascenine 


On the eighth day the plants were harvested, dried at 50—60°, and ground in 
a Wiley mill. The ground material (18.8 gm.) was extracted with ether for 
three days in a Soxhlet extractor. This ether extract had a total activity of 
1.07 X 10‘ disintegrations per min. The green solution was evaporated to 
dryness and a small sample of the residue chromatographed on Whatman 
No. 1 paper (buffered to pH 8 with phosphate - citric acid), with a mixture of 
n-butanol (80 ml.) and water (15 ml.) as the developing solvent. Authentic 
specimens of 3-hydroxyanthranilic acid, damascenine (obtained from Nigella 
damascena seeds according to the procedure of Ewins (8)), and damasceninic 
acid were run on the same chromatogram and had R, values of 0.15, 0.88, and 
0.76 respectively. The hydroxyanthranilic acid was detected by its pronounced 
fluorescence in ultraviolet light and the other two compounds with Dragen- 
dorff’s reagent (21). Only damascenine was found in the plant extract. The 
residue from the ether extract of the plant was dissolved in N hydrochloric 
acid (100 ml.) and the solution extracted with ether. The aqueous layer was 
made alkaline with ammonia and the alkaloid extracted with ether. The 
fluorescent extract was dried and the ether removed by distillation under 
diminished pressure leaving a residue which was distilled 1m vacuo. Damascen- 
ine distilled as a colorless oil, b.p. 120° at 0.001 mm., wt. 5.6 mgm. This was 
completely non-radioactive. 

The ground plant was further extracted with methanol, but no more alkaloid 
was obtained. The methanol extract was radioactive (1.6 X 10° disintegrations 
per min.) presumably owing to the extraction of uncombined radioactive 
tryptophan from the plant. After extraction with ether and methanol the 
plant had a total activity of 2.1 X 105 disintegrations per min. 


Administration of Tryptophan-3-C'* to Garden Peas 


Garden peas (Laxton’s Progress) treated with fungicide (Semesan) were 
allowed to germinate in soil. After two weeks 48 plants were transferred to a 
hydroponic solution of the same composition as that used for the Nigella 
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damascena and the labelled tryptophan acetate (573.7 mgm. with a specific 
activity of 4.02 < 10° disintegrations per min. per millimole) was administered 
as in that case. The rate at which the amino acid was taken up by the plant 
was followed by determining the total activity of the nutrient solution every 
day. The plants were harvested on the seventh day and the roots and the 
aerial parts worked up separately. No trace of trigonelline was found in the 
roots. The aerial parts of the plant (64.9 gm. fresh weight) were extracted with 
water. The extract, having a total activity of 1.4 X 10° disintegrations per 
min., was treated with 20% lead acetate solution to precipitate the protein 
and then with hydrogen sulphide to remove the excess lead. The filtrate 
(having a total activity of 0.5 10° disintegrations per min.) was concen- 
trated to 250 ml., made alkaline with ammonia, and treated with an excess of 
ammonium reineckate (3 gm. in 10 ml. of methanol) to precipitate the choline. 
The precipitate was centrifuged off after cooling overnight and the solution 
acidified with 1.0 N hydrochloric acid and kept cold for 24 hr. The precipitated 
reineckate was filtered off, washed with m-propanol, and dissolved in acetone. 
This acetone solution contained negligible radioactivity; it was chromato- 
graphed on Whatman No. 1 paper using the one phase system 95% ethanol- 
5% ammonia of d. 0.880 (5) which separates choline (Rr 0.45) from trigonelline 
(Rr 0.22), and the chromatogram developed with Dragendorff’s reagent (21). 
The trigonelline spot on the chromatogram was not radioactive. Trigonelline 
reineckate was decomposed with silver sulphate and barium hydroxide (17), 
but only a trace of free base was obtained. 


DISCUSSION 


If the synthesis of damascenine and of trigonelline occurred in the plants 
while they were in contact with the radioactive tryptophan, the results would 
indicate that tryptophan was not utilized for the production of the bases. 
Since damascenine and trigonelline are methylated derivatives of 3-hydroxy- 
anthranilic acid and of nicotinic acid respectively, both well established trypto- 
phan metabolites in animals and in molds (4, 6, 14), and since methylation in 
plants has been shown to be a general and facile process, the present results 
would lead to the conclusion that tryptophan metabolism in the plants studied 
differs radically from that prevailing in animals and molds. 

In feeding experiments with mature plants, there is the danger that alkaloids 
are no longer being actively produced at the time of the experiment. In our 
experiments, however, the labelled amino acid was fed while the plants were 
flowering and producing seeds. In both Nigella damascena (8) and peas (22) 
the alkaloid is present in the seeds, and while it is conceivable that it may be 
translocated there from other parts of the plant and that actual synthesis no 
longer takes place at the time, this seems unlikely. 
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ABSORPTION SPECTRA OF METALS IN SOLUTION! 
By H. BLapeEs? anp J. W. Hopcrns? 


ABSTRACT 


Measurements of the absorption spectra were made on solutions of alkali and 
alkaline earth metals in ammonia, methylamine, ethylamine, and mixed solvents. 
In ammonia, a single absorption band was measured which is common to all the 
metals examined. In the amines and in mixtures of ammonia with methylamine, 
however, bands were found which were characteristic of the metal employed. A 
hypothesis has been advanced to explain the existence of the different types of 
energy traps responsible for the variations in spectra. 


INTRODUCTION 


The alkali metals and some of the alkaline earth metals dissolve in liquid 
ammonia without reaction; it is thought that simple dissolution occurs, 
yielding metal ions and electrons which are trapped or solvated in the liquid (5). 
Various physical properties have been examined which are consistent with 
this postulate, although a concise model has not yet been formulated for the 
electron traps. For example, the expansion exhibited on dissolving the metal 
has béen attributed to the formation of holes in the liquid which represent 
energy barriers for the escape of electrons (8). The electrical conductivity in 
dilute solution is greater than can be explained by simple ionic transport, but 
less than would be expected by electronic conduction (5). Magnetic sus- 
ceptibility measurements indicate that the metal is ionized, but some difficulty 
is experienced in explaining the variation of the susceptibility with tem- 
perature (3). The measurements of paramagnetic resonance absorption are 
consistent with the existence of trapped electrons (4). Finally, the absorption 
spectra of a number of the solutions have been measured, and the observa- 
tion made that in ammonia there is a single absorption maximum whose 
position is independent of the particular metal in solution (1, 9). This maxi- 
mum is in a region where none appears in the spectrum of bulk sodium metal; 
and in the spectrum of atomic sodium, very strong absorption occurs at 
5889 A (D line), which does not appear in the solution spectrum. Since the 
maximum observed is also absent from the spectrum of sodium ion and of 
liquid ammonia, it has been ascribed to the trapped electrons. 

Primary amines will also dissolve some of the metals; sodium, cesium, 
potassium, lithium, and calcium are soluble in methylamine, while ethylamine 
dissolves at least lithium and potassium. Although these solutions have been 
examined less exhaustively than the ammonia solutions, their behavior is 
similar. Thus the variation of electrical conductivity with concentration in 
metal solutions in methylamine is similar to that in anhydrous ammonia (2), 
and the absorption spectra, although exhibiting maxima at a different wave 
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length, were shown to be independent of the metal for a limited number of 
solutions (1). 

The experimental observations of the absorption spectra are limited to 
quite early work done with a visual spectrophotometer (1) and to some work 
by Vogt (9). Because the solutions in methylamine had maxima in the absorp- 
tion spectrum at visible wave lengths, these were observed by the early 
workers, but the peaks for ammonia solutions were missed as they occur in the 
near infrared. Vogt describes the spectra of lithium and sodium in ammonia 
solutions of unspecified concentration. The dearth of spectrophotometric 
data is probably explained by the difficulty of manipulating the solutions, 
their very high absorbance, and the awkward spectral region in which the 
absorption maximum for ammonia is located. 

In the present paper, absorption spectra are presented for solutions of 
lithium, sodium, potassium, and calcium in ammonia and in methylamine, 
lithium and potassium in ethylamine, sodium and potassium in mixed am- 
monia and methylamine, and sodium in mixed ammonia and ethylamine. 


EXPERIMENTAL PROCEDURE 


The main experimental problems associated with the measurement of 
liquid ammonia and amine spectra arise from the instability of the solutions, 
their low boiling points (which necessitate constant refrigeration), and the 
very high molar absorbancy index which make dilute solutions and very thin 
cells necessary. 

The spectra were determined in two parts, the region from 0.3 to 1.0u 
on a Beckman D.U. ultraviolet spectrophotometer and from 1.0 to 2.5u on a 
Beckman IR-2 infrared spectrophotometer. Quartz cells of thickness 10, 1.0, 
and 0.1 mm. as supplied by the American Instrument Company were used. 
In both instruments the effective band width is considerably smaller than the 
half-height width of the maxima being investigated so that the shape of any 
spectrum was not affected by the dispersion of the instruments. 

The cell was contained within a thick-walled Lucite box with quartz 
windows on either side for the passage of the light beam. The absorption cell 
was removed from the light path by moving it upwards. It was kept at the 
desired temperature by a stream of cold dry air, which entered the box by 
the ducts shown in Fig. 1 (at G). The air was dried with silica gel and cooled 
by liquid air. The outside windows of the box were kept clear of frost by jets 
of warm dry air. 

The cold box made a light-tight fit into either spectrophotometer, and fogging 
of the instrument optics was prevented by the warm dry air which continu- 
ally swept the volume outside the box. Temperature was controlled manually 
both by regulating the flow of air through the box and by regulating the 
temperature of the air entering it. A thermocouple cemented on the cell wall 
near the face showed fluctuations of two to three degrees. 

The apparatus for manipulating the solvents and preparing the solutions is 
shown schematically in Fig. 1. Solvents were stored in a detachable trap A. 
Solutions were prepared in trap B by various methods and were transferred to 
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Fic. 1. Apparatus for preparing solutions and filling absorption cell. 


the cell by admitting nitrogen from D thus forcing the liquid through the siphon 
into the cell. Excess liquid in the neck of the cell was removed by pumping 
off the nitrogen and distilling the solvent back into B. 

The cell was disconnected at the ground glass joint E for measurements in 
the spectrophotometer. At the completion of these measurements the cell 
could be reconnected at E and the solvent distilled off. Another solvent could 
then be distilled into the cell thus avoiding the necessity of forcing over-all 
combinations of metals and solvents. 

A saturated solution of potassium in methylamine was found to be quite 
stable, could be successfully forced over, and was just the correct concentration 
for spectral measurements in the 0.1 mm. cell. Solutions were thus prepared 
simply by placing a piece of potassium in trap B and distilling in a suitable 
quantity of methylamine. It thus became possible by the procedure described 
above to obtain spectra for any solvent in which potassium was more soluble 
than in methylamine. 

A similar procedure could be used for sodium solutions although for this 
metal the combination of a saturated solution in methylamine and the 1.0 mm. 
cell was most convenient. 

For more soluble metals it was necessary to resort to a dilution technique 
where a piece of the metal was placed in trap C and solvent added by distil- 
lation. Trap C could then be rotated on its ground glass joint until drops of 
solution poured from C into B where a relatively large volume of solvent 
diluted the drop to a suitable concentration. 








414 CANADIAN JOURNAL OF CHEMISTRY. VOL. 33 


Since lithium and calcium metal are relatively stable in the air, solutions 
of these metals were prepared either by the above dilution procedure or by 
placing a small piece of the metal in trap B. However, solutions of these metals 
are much less stable than those of sodium and potassium and hence greater 
difficulty was experienced in forcing them over. 

When a solvent was distilled into the thin cells containing metal residue the 
first few drops of solution were sufficient to cover the whole cell face since the 
liquid rose by capillary action. Thus the concentrations of solutions prepared 
in this manner were not reproducible. Mixed solvents were condensed from a 
large gas storage bulb F in order to prevent preferential condensation. Table I 


TABLE I 
METHODS OF PREPARATION OF THE SOLUTION 











Metal Solvent Method of preparation 

Li Methylamine Small piece of metal placed in 
trap, or by diluton 

Li Ammonia Residue from methylamine 

Li Ethylamine Dilution 

Na Methylamine Saturated solution 

Na Ammonia Residue from methylamine 

Na Mixed solvent Residue from methylamine 

K Methylamine Saturated solution and dilution 
of saturated solution 

K Ammonia Residue from methylamine 

K Ethylamine Saturated solution 

Ca Ammonia Small piece of metal placed in 
cell 

Ca Methylamine Saturated solution 





shows the specific fashion in which the various solutions were prepared. 
Solvents were distilled, before use, in a Podbielniak type of column and at a 
pressure of 300 to 400 mm. Hg. All the amines as received had ammonia 
fractions in them but the separation of this fraction was quite sharp on the 
still used. Only a middle fraction was used for the experiment. The solvents 
were dried over one of the alkali metals but ultimately it was found that lithium 
was the best drying agent probably because it is the most soluble. 

No attempt was made to purify the metals used. It was observed, however, 
in the case of sodium and calcium that these metals did contain something 
which made it difficult to produce a solution in methylamine. This material 
could be removed in one of two ways. The metal could be fused in trap B 
under vacuum (feasible only for sodium) or a solution could be first made in 
ammonia and the ammonia subsequently evaporated. The latter method was 
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used for calcium, but either method left the metal in a finely divided state 
which caused some trouble because metal particles tended to remain suspended 
in the liquid. 

The absorption spectra of liquid ammonia and methylamine are shown in 
Fig. 2. From these spectra it can be seen that little difficulty will be en- 
countered from solvent contribution to solution spectra, down to about 
7000 cm—'. At frequencies above this almost any cell thickness is acceptable 
while below this a cell 0.1 mm. in thickness is desirable. Spectra of sodium 
solutions in the mixed solvent and in ammonia have a band at about 7350 cm.~! 
which for ease of preparation were measured in the 1.0 mm. cell. Consequently, 
measurements of this band are more uncertain than most of the spectra 
reported. 

Considerable variation of absorbance was observed from solution to solution 
even in the case of those which were originally saturated. This was probably 
due to change in concentration which occurred when the liquid was forced 
over. It is possible that sufficient water and oxygen remained adsorbed on the 
surface of the vessels to affect the dilute solutions slightly, particularly in the 
region between the windows. 

Variations in absorbance were also observed when the temperature of a 
specific solution was changed, particularly in the case of the saturated solu- 
tions. This variation followed no regular pattern and if the solubility changed 
with temperature and some suspended particles of metal were present such 
behavior would be predicted. However, when the temperature was held steady, 
absorbance measurements on solutions in pure solvents were reproducible 
throughout the time required for determination of the spectrum. 

No detectable fading was observed in sodium or potassium solutions in 
methylamine up to —20°C. Lithium and calcium solutions in methylamine 
tended to fade at temperatures as low as —40°C. Solutions in ammonia 
were stable without exception but in this case the temperature was not allowed 
to rise above — 40°C. 


MATERIALS USED 


Ammonia Matheson Anhydrous 

Methylamine Matheson Anhydrous 

Ethylamine Matheson Anhydrous 

Sodium Merck Reagent grade 

Potassium Baker and Adamson Reagent grade 

Lithium Metalloy Low sodium, reagent grade 
Calcium Purest grade Dominion Magnesium Limited 


EXPERIMENTAL RESULTS 
The spectra of lithium, sodium, potassium, and calcium in ammonia are 
identical, having a single broad band with a maximum at 6650 cm.—! (—60°C.)* 
and a half-height width of 2950 cm—!. The specific observations are shown in 


*When a band was not determined at —60°C. a value has been estimated using the temperature 
coefficients given below. 
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TABLE II 


SpecTRA OF Li, Na, K, AND CA IN AMMONIA, METHYLAMINE, ETHYLAMINE, 
AND MIXED SOLVENT 











Temp., Position of Half-height Density at Cell 
Solution a inl maximum, width, maximum thickness, 
cm.7! cm.7! mm. 
Li in ammonia -—70 6700 3200 2.43 0.1 
Na in ammonia —62 6800 3370 2.57 1.0 
K in ammonia —42 6500 3250 2.36 0.1 
—52 6550 3150 2.47 0.1 
—60 6700 3100 2.58 0.1 
—61 6600 3150 2.91 0.1 
—63 6650 3050 2.60 0.1 
-71 6850 2900 2.70 0.1 
—78 6750 2900 2.82 0.1 
Li in methylamine —55 7350 4350 0.76 0.1 
—55 7600 4350 0.73 0.1 
—75 8000 4350 0.71 0.1 
Na in methylamine —14 14,700 3450 1.83 1.0 
—23 15,550 3000 0.42 1.0 
—25 15,000 3300 1.61 1.0 
—30 15,300 2950 0.45 1.0 
—48 15,450 3250 1.20 1.0 
—50 15,550 3000 0.57 1.0 
—66 15,750 2750 0.53 1.0 
12,200 
K in methylamine —62 15,300 0.1 
12,100 
—67 15,100 1.0 
12,500 
—73 15,900 10 
Ca in methylamine — 60 7800 4550 0.815 0.1 
K in ethylamine —64 15,500 3600 1.66 10.0 
Li in ethylamine —40 7050 5900 2.14 0.1 
Na in 1:1 ammonia-— -81 7500* 3150 0.54 1.0 
methylamine 
Same —63 7500* 3750 0.61 1.0 
Same -—79 7500* 3350 0.51 1.0 
K in 1:1 ammonia- —72 7500 3350 eh! 0.1 
methylamine —81 7600 3200 1.08 0.1 
Same —52 7000 3550 0.88 0.1 
Same —43 7 3600 0.75 0.1 





~~ *Low frequency maximum only. 


Table II. Calcium does not appear there because the solution used was too 
concentrated, so that it was possible only to show that no additional bands 
appeared and that the maximum was located similarly to the other three 
metals. 

In methylamine different bands were observed for the various metals. This 
is illustrated in Fig. 4. Lithium and calcium have a single band each, which 
is the same for both metals and appears at 7680 cm.—! (—60°C.). Sodium has a 
single band at 15,300 cm~!. Potassium has two bands close together with the 
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result that the observed position of either band is somewhat affected by the 
other, It seems likely, however. that the high frequency band is identical with 
that found for sodium. 
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The effect of concentration on the potassium spectrum was investigated by 
adjusting the concentration, in three separate cells of 10, 1.0, and 0.1 mm. 
thickness, to give nearly constant absorbance. This will produce a change in 
concentration of about 100-fold. The resulting spectra are shown in Fig. 5. 
It will be noted here that the relative height of the two maxima varies with 
concentration and this indicates that absorption occurs by two independent 
processes. 

In ethylamine only lithium and potassium were successfully dissolved. Their 
spectra are shown in Fig. 7. Two different bands are observed, the high fre- 
quency band being very similar to the high frequency band produced in 
methylamine. The low frequency band as observed for lithium, however, has a 
much greater half-height width than the comparable bands observed in methyl- 
amine. 

The spectrum of sodium in a mixed solvent of methylamine and ammonia 
(molar ratio 1 : 1), shown in Fig. 8, exhibits two main absorption bands. The 
position of the high frequency band was established at 14,700 cm.—'; its 
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precise location was made difficult by the large variation of absorbance with 
temperature. The position and half-height width of the low frequency band are 
shown in Table II. From these it can be seen that this band is essentially the 
same as that observed for pure ammonia. Although its position is slightly 
shifted, its half-height width indicates that it does not contain a new hidden 
band. The temperature dependence of the absorbance at the maximum is 
shown for both bands in Table III. 

The absorption spectrum of potassium in mixed methylamine and ammonia 
(molar ratio 1 : 1) reveals one band. The location and half-height width of 
this band serves to identify it with the low frequency band observed for sodium 
in the mixed solvent. This spectrum was obtained in the 0.1 mm. cell so that 
the concentration of potassium is probably about 10 times that of the corre- 
sponding sodium solution. 

A solution of sodium in a mixture of ethylamine and ammonia (molar ratio 
1 : 1) was examined for its absorption spectrum. This showed two bands, one 
at 7500 cm.—' and one at 14,800 cm-'. The high frequency maximum can 
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EFFECT OF TEMPERATURE ON THE ABSORBANCE AT THE MAXIMA FOR THE MIXED SOLVENT 











Temperature, Absorbance of the low Absorbance of the high 
7 frequency maximum frequency maximum 
—38 0.72 0.11 
—49 0.13 
—57 0.13 
—59 0.68 0.16 
—62 0.18 
—63 0.61 
—68 0.62 0.21 
—68 0.60 
—69 0.24 
—71 0.25 
—74 0.58 
—76 0.29 
—78 0.51 
—79 0.52 
—80 0.33 
—80 0.38 
—81 0.44 
—82 0.43 0.44 
—83 0.44 
—83 0.47 





probavly be ascribed to sodium effectively dissolved in ethylamine although 
no solution is formed in the pure solvent. 

From the data in Table I it might be expected that the position of the band in 
the spectrum of sodium in methylamine would be affected by both temperature 
and concentration. The effect of temperature on a specific solution for which 
the absorbance remained fairly constant is shown in Table IV. A plot of these 
data gives a temperature coefficient of —13 cm.—!/degree. If the data in 
Table II for sodium in methylamine are now adjusted to a single temperature, 
using the above temperature coefficient it can be demonstrated that a change 
in position of the maximum is produced as the absorbance (i.e. concentration) 
is changed. The variation is 330 cm.—'/unit of absorbance. 


TABLE IV 


THE EFFECT OF TEMPERATURE ON THE POSITION OF THE MAXIMUM FOR A SOLUTION 
OF SODIUM IN METHYLAMINE 














Temperature, Position of Absorbance at 
*. maximum maximum 
—14 14,710 1.89 
—25 14,810 1.80 
—28 14,930 1.73 
—50 15,150 1.53 
—50 15,250 1.55 
—58 15,270 1.45 
—73 15,490 1.39 
—73 15,380 1.65 
—74 15,490 1.48 








420 CANADIAN JOURNAL OF CHEMISTRY. VOL. 33 


The position of the maximum for potassium in ammonia varies with tem- 
perature in a similar fashion, and the temperature coefficient for this system 
is —9 cm.—'/degree. 

The temperature coefficients for the half-height widths are 12 cm.—!/°C. for 
potassium in ammonia and 14 cr..~!/°C. for sodium in methylamine. As would 
be expected these coefficients are positive but the data are not precise enough 
to test the fit of a plot of \/7T against band width. 

The spectra of sodium and potassium in methylamine were observed for 
saturated solutions in a 1.0 mm. and a 0.1 mm. cell respectively. An attempt 
was made to determine the solubility of these two metals in methylamine. This 
was done by preparing saturated solutions at — 80°C. and filling a small bulb 
with the solution in a manner similar to that used for filling the absorption 
cells. The solvent was then evaporated and the residual metal determined by 
measuring the hydrogen evolved on reacting it with water. The method of 
preparation of sodium solutions was such that the production of small par- 
ticles of suspended metal was very likely. While this is not important in the 
measurement of spectra it does make analysis for the metal in solution difficult. 
Solutions were allowed to stand for some time before a sample was drawn off 
for analysis but this does not preclude the possibility of particles being swept 
off the delivery tube. With potassium the problem was not so severe because 
the metal was not in a finely divided state and particles were much less likely 
to be formed. Thus figures obtained for potassium are more likely to be 
accurate. The best estimates of concentration were 8 X 10-* moles/liter and 
1.9 X 10-* moles/liter for saturated solutions of sodium and potassium 
respectively. It is suspected that the figure for sodium is somewhat high. A 
value of about 10‘ is thus observed for the molar absorbancy index of sodium 
in methylamine. The molar ratio of potassium to methylamine as used in the 
0.1 mm. cell was thus about 5 X 10-*; that for sodium to methylamine as used 
in the 1.0 mm. cell was probably 10-5 or less. 


DISCUSSION 


Originally it was hoped that information about the electron traps in liquid 
ammonia and amines could be obtained by observing spectra in mixtures of 
ammonia and an amine. It had been established that the spectrum in ammonia 
had a band at about 6000 cm.—! (9) and that a corresponding band occurred for 
methylamine at about 15,000 cm.—! (1). If traps exist in the structure of the 
liquid rather than in the form of a molecular orbital about a given molecule of 
solvent then it was reasoned that, in mixtures, intermediate bands between the 
two parent bands would appear. Indeed there was the possibility of only the 
intermediate band appearing. 

The present observations confirm previous conclusions regarding the spectra 
in ammonia but the spectra for potassium, lithium, and calcium in methylamine 
are new and unexpected. At first glance it would appear that it is necessary 
to postulate a trap which will involve the metal ion as well as the solvent. But 
since identical bands appear for more than one metal (i.e. 7680 cm.~! band for 
lithium and calcium and the 15,500 cm.~! band for sodium and potassium) it ‘s 
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evident that a given metal ion does not produce a unique trap. This is adequate 
evidence for rejecting a metal ammoniate or solvent metal complex as the 
location of the trap. It will be shown below that it is possible to fit all the 
observed facts into the presently held theory that the electron trap is formed by 
a hole in the liquid which has a more or less regular structure. 

It is suggested by Lipscomb (6) that the density of metal ammonia solu- 
tions is consistent with the hypothesis of a hole in the liquid of 3 A radius. 
The solvent molecules at the edge of such a hole will have their more positive 
ends, in this case the three hydrogen atoms, directed inwards thus forming a 
region of low potential in which the electron is trapped. By analogy with F 
centers and impurity phenomena in solids such a trap might be expected to 
have an excited state with an attendant energy transition which is manifested 
by the absorption spectrum. 

The positive end of the ammonia molecule is made up of three hydrogen 
atoms and is symmetrical so that the array of molecules at the edge of any 
hole will be identical. This will- make the configurational co-ordinates and 
consequently the transition levels for each hole identical, with the result that 
a single maximum is observed for all the solutions in liquid ammonia. As the 
temperature is changed the intermolecular association will be disturbed with 
the result that the configuration of the hole is slightly altered. This leads to a 
slight change in the transition levels in the trap and is manifested by a shift 
in the position of the absorption maximum. 

The methylamine molecule is not symmetrical about the nitrogen atom and 
hence it is possible that two different aspects of the molecule may be presented 
at the boundary of a trap. These two orientations may or may not be mixed 
depending on how readily they fit around the hole, the size of the hole, and on 
what other forces are at work in the rest of the liquid. On the basis of this model 
the methylamine spectra can be broken into two groups, called for convenience, 
amine bands and aliphatic bands. The former represents the condition where the 
methylamine molecules are oriented so that an ammonia-like trap is produced. 
This case is probably represented by the spectra of calcium and lithium where 
a band is observed at about 7680 cm—'. The small difference in position of the 
maximum from that observed in ammonia is accounted for by the effect of the 
methyl group on the intermolecular forces and hence on the configurational 
co-ordinates. Aliphatic bands arise from traps in which the methyl group takes 
part in the formation of the trap boundary. Such a trap would be expected to 
have quite different configurational co-ordinates and a different set of transi- 
tion levels. Such a situation is in fact observed for the sodium and potassium 
spectra in methylamine where a band appears at about 15,500 cm—. 

In potassium solutions in methylamine an intermediate band is produced 
which must arise from a third trap because the relative height of the two 
bands observed varies with concentration and temperature. Such behavior 
would not be observed if two transition levels in a single oscillator were being 
represented. The fact that there is a discrete additional band and not a diffuse 
broadening of the original implies that a fixed combination of the two possible 
orientations exists. 
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Aliphatic bands in ethylamine are represented by the spectrum of potassium 
in solution. A mixture of the orientations producing aliphatic and amine traps 
is probably represented by the lithium spectrum in ethylamine. The single 
band is very much broadened and close inspection shows that the broadening 
is largely on the high frequency side which is what would be expected for mixed 
traps where the amine orientation predominated. 

The particular trap which is formed in the amines depends on the metal ion 
which is present in the solution. This implies that the metal ions have a rela- 
tively long range effect on the orientation of solvent molecules so that one trap 
or the other is formed depending on the strength of this influence. Thus as the 
potassium solutions were made more dilute the number of pure aliphatic 
traps tended to increase at the expense of the other mixed trap. In very dilute 
lithium solutions in methylamine (Fig. 6) there is definite evidence that a 
weaker band at about 15,000 cm.—! exists which was not observed in the more 
concentrated solutions. In even more dilute solutions this band presumably 
would become relatively stronger and in fact Gibson and Argo (1) report a 
definite band in that position. It would appear that aliphatic traps would 
normally form in methylamine but the influence of certain metal ions favors 
the amine type trap to a degree depending on their concentration. 

Further evidence for the long range effect of the metal ions is presented by 
the concentration effect on the position of the maximum in sodium solutions in 
methylamine. Here it was observed that even in very dilute solutions a vari- 
ation in concentration shifted the position of the maximum to a significant 
degree. 

It will be shown below that the difference in depth of traps of the two kinds 
is only about 0.1 ev., so that even a very weak influence from the metal ion may 
be sufficient to favor the orientation producing one trap or the other. 

In mixed ammonia and methylamine, the following six types of trap may be 


expected : 
Amine type Mixed type Aliphatic type 
1. Pure ammonia 3. Ammonia+methylamine 6. Pure methyl- 


(amine oriented) amine 
2. Pure methylamine 
4. Ammonia+ methylamine 
(aliphatic oriented) 


5. Methylamine (amine oriented) 
+methylamine (aliphatic oriented) 


In pure methylamine, a trap of type 5 above is represented only in the 
potassium spectrum; from this it can be predicted that traps of type 4 and 5 
will be rare in the mixed solvents. In fact no corresponding bands have been 
observed. 

Traps of types 1 and 2 have maxima which lie quite close together (Table V). 
In the mixed solvent an intermediate band is observed, probably due to traps 
of type 3. A similar band could of course be produced from the sum of two 
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TABLE V 


AVERAGE VALUES, INDEPENDENT OF METAL, FOR BAND POSITION AND HALF-HEIGHT WIDTH 
FOR THE LOW FREQUENCY BANDS 














Solvent 
1:1 Ammonia 
Measurement Ammonia methylamine Methylamine 
Band maximum 6650 7310 7680 
Half-height width, cm. 3080 3460 4420 





separate bands each representing the spectrum observed in the pure solvents, 
but such a band would be wider than either of the two parent bands. This, 
however, is not observed since the band width also is intermediate as shown in 
Table V. It is therefore concluded that the intermediate band observed results 
from the formation of combination traps involving both solvents. 

The band of the pure aliphatic type is observed only for sodium in the 
mixed solvents. A corresponding band does not appear in the potassium 
solution. This is consistent with the pattern in pure methylamine where it is 
observed that potassium has a stronger directing influence towards the 
formation of amine type bands than does sodium. 

The relative depths of traps of the two kinds, i.e. those involving the amine 
group only and those involving only the aliphatic group, can be estimated 
from the effect of temperature on the height of the two maxima appearing in 
the sodium solution in mixed methylamine and ammonia. Heights of these two 
maxima as a function of temperature are given in Table III. By plotting the 
absorbance of the two maxima against temperature it can be shown that the 
one maximum gains at the expense of the other when the temperature is 
changed. 

If it is assumed that the activation energy for the formation of traps is 
zero, we may write: 

[1] B/A = a e~(3-8)/RT 


where A = concentration of traps of the amine type, 
B = concentration of traps of the aliphatic type, 
a = constant, 
E, = energy of formation of Trap A, 
E, = energy of formation of Trap B. 
If it is further assumed that Beer’s Law holds for the maxima, it follows that 
B'/A'! « B/A 


where B! = absorbance at maximum of high frequency band when the con- 
centration of aliphatic traps is B, 
absorbance at maximum of low frequency band when the con- 
centration of amine traps is A. 

Thus the plot of log B'/A! against 1/T should permit an estimation of 
E,—E,. 


A} 
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Such a plot is shown in Fig. 10 and from this a value of —0.17 ev. is obtained 
for E, —E,. Traps of mixed amine and ammonia types are thus slightly deeper 
than the aliphatic type. Because of the great similarity of these bands it is 
suggested that ammonia traps, methylamine traps of the amine type, and 
mixtures of the two will have approximately the same depth. The difference in 
depth between traps in ammonia and methylamine for a metal such as sodium 
then is about 0.2 ev. 
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Fic. 9. Sodium in methylamine. 

Fic. 10. Effect of temperature on peak height in spectrum of sodium in mixed ammonia- 
methylamine. 

The separation of the two bands for spectra in methylamine and ammonia is 
about 1 ev. This value is much larger than the difference between the potential 
energies of the two traps so that it must be concluded at least for the low fre- 
quency bands that the absorption process involved in producing the bands is 
not one resulting in dissociation of the traps but rather is a transition between 
two energy levels of the trap. 

Fig. 9 shows a more detailed representation of the absorption spectrum of 
sodium in methylamine. If this spectrum be compared with that found for 
potassium in ammonia (Fig. 3) it will be noted that for the high frequency band 
in methylamine there is a rather high level of continuous absorption on the 
high frequency side. In ammonia the level of absorption falls off much more 
quickly in the corresponding region. 

By analogy with F centers in alkali halide crystals (7) it is suggested that 
the continuous absorption in the solution spectrum in methylamine represents 
a dissociation continuum which begins in the neighborhood of the main band. 
This implies a dissociation energy of about 2 ev. for the high frequency trap. 


SUMMARY 


1. A single band in the absorption spectra at 6650 cm.—' was found for all 
the solutions of metals in liquid ammonia which were studied. 

2. The absorption spectra of solutions of metals in methylamine have a 
single band with the exception of potassium which has two. The position of the 
single band may be at one of two points, 15,300 cm.—! or 7680 cm.~' (—60°C.) 
depending on the metal. 
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3. The absorption spectrum of potassium in ethylamine has a single maxi- 
mum in the 15,300 cm.“ region. 

4. A solution of sodium in mixed methylamine-ammonia solvent has an 
absorption spectrum with two bands, one in the 15,300 cm.—! and one in the 
7300 cm.—! region. 

5. From the sodium in methylamine absorption spectrum it is argued that a 
dissociation continuum begins in the neighborhood of the band, which permits 
the estimation of 2 ev. for the depth of traps represented by bands in the 
15,300 cm.—! region. From temperature effects in the mixed solvent it was 
shown that the trap represented by the band in the 7300 cm.~ region is about 
0.2 ev. deeper. 

6. Since the separation in trap depth is much less than the separation of the 
two bands it is argued that the absorption bands result from energy transitions 
and not from dissociation of the trap. 
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SOME OBSERVATIONS ON CYANIC ACID AND CYANATES' 


By M. W. LIsTER 


ABSTRACT 


Various reactions of cyanic acid and the cyanate ion have been examined. 
Cyanic acid, in the presence of added hydrochloric or nitric acid, decomposes 
quantitatively according to the equation: HNCO+H;0*— CO:+NH,*. The 
rate constant for this reaction was measured over a range of temperature and 
ionic strength, and was found to be 0.86 mole liter! min.~ at unit ionic strength 
and 1.5°C. The activation energy is 144 kcal. The effect of ionic strength on the 
reaction with hydrochloric acid closely parallels that on the activity coefficients 
of the acid itself. Without added acid cyanic acid decomposes by a first order 
reaction: HNCO+2H:0— NH,HCO;, followed by a rapid second stage: 
NH,HCO;+HNCO— NH,NCO-+H:CO). This reaction has a rate constant of 
0.011 min.—' at 0°C., and an activation energy of 16 kcal. There is also a few 
per cent of some side reaction. Cyanate ions in alkaline solution decompose thus: 
OCN-+2H:0— NH,*++CO,;—. This reaction was examined over a range of tem- 
perature and ionic strength: it is first order with k = 3.0 X 10-8 min. at 100°C. 
(0.3 ionic strength) and 23} kcal. activation energy. The rate is somewhat: 
dependent on hydroxide concentration, when this is fairly low. The reaction is 
catalyzed by carbonate, but not by a number of other anions that were examined. 
The rate of the catalyzed reaction is proportional to the carbonate concentration, 
but independent of cyanate, at least over a considerable range. The ionization 
constant of —_ acid has been measured by a method that avoids errors from 
hydrolysis; the value obtained was 2.0 X 10~‘. The oxidation of cyanate by 
hypochlorite and by chlorine was examined more briefly. 


Past workers have established with reasonable certainty the qualitative 
aspects of the decomposition reactions of cyanic acid and the cyanate ion. 
However, quantitative measurements have not been too systematic, and it is 
hoped that the present work will give a more complete picture. Besides the 
decomposition reactions in aqueous solution, which are really hydrolyses, 
some observations are included on the oxidation of the cyanate ion. 


1. DECOMPOSITION OF CYANIC ACID IN ACID SOLUTION 


This acid decomposes fairly rapidly in dilute aqueous acid according to the 
equation: 
HNCO+H,0+ — CO.+NH,". 


Cyanuric acid only results to any great extent in concentrated solution. The 
ammonium ions could react with cyanate ions to give urea; but this reaction 
is much slower, so that in acid solution it is negligible. Quantitative measure- 
ments on this reaction are rather limited. Taufel, Wagner, and Dunwald (8) 
report a reaction first order with respect to cyanic acid, and with a rate con- 
stant of 2.4 X 10-* min. at 25°C. We have studied this reaction over a 
range of conditions with the following results. 
Experimental Method 

A good grade of potassium cyanate was recrystallized from a mixture of 


10% water, 50% ethyl alcohol, and 10% methyl alcohol. A solution of this 
salt in water was made up; a sample was pipetted into a flask immersed in a 


‘Manuscript recewed October 26, 1954. 
Contribution from the Department of Chemistry, University of Toronto, Toronto, Ont. 
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bath at the temperature being investigated. A sample of hydrochloric.acid of 
known concentration was similarly pipetted out and to this was added sodium 
chloride solution to give the desired ionic strength. This also was brought to 
the correct temperature. The solutions were mixed and after a given time the 
reaction was stopped by adding excess sodium hydroxide. The actual reaction 
temperature was read from a thermometer graduated in 0.1°C. immersed in 
the reaction mixture. 

The ammonia formed was estimated by distilling it into a known amount of 
standard acid, and titration. The distillation was brief enough so that only a 
very small amount of ammonia was formed by decomposition of cyanate 
during this operation; however as this reaction was also measured (see Part 3), 
this error could be allowed for. The solution was always distilled for the same 
length of time. Traces of ammonium ion initially present in the cyanate (or 
elsewhere) were estimated in a reagent blank run. The cyanate initially present 
was calculated from the strengths of the stock solutions, which were determined 
by silver nitrate titration (see Part 3 for details). At subsequent times it was 
assumed that the cyanate concentration was given by the initial concentration 
minus the ammonium ion formed. It was checked that if the reaction was 
allowed to go to virtual completion the ammonium ion formed was equal to 
the initial cyanate; i.e. side reactions are negligible. The same point was 
checked in another way. A potassium cyanate solution, containing some car- 
bonate from its decomposition, was titrated with hydrochloric acid, and the 
pH followed. An inflection point was found at a pH of about 7.8. At this point 
the carbonate is just converted to bicarbonate. After this the pH meter was 
removed, and bromcresol green added. The solution was warmed and acid run 
in to maintain the color of the indicator at yellowish-green. Eventually the 
color did not change even on boiling, and at this point the reaction is just 
complete. 

KOCN+2HCI+H,0 — KCI+ NH,CI+CO, 
This is a method of estimating cyanate in the absence of interfering substances, 
and the results agreed with those of silver nitrate titration. Hence side re- 
actions during the titration with acid are negligible. 


Results 


This reaction was examined at various temperatures and ionic strengths. 
Tabie I gives results all at an ionic strength of 1.0. This ionic strength is de- 
rived on the assumption that no cyanic acid is ionized; the value for the ioniza- 
tion constant obtained later shows that the fraction ionized would be less 
than 0.001. The reaction itself will not change the ionic strength. 

Table I also gives values of the rate constant assuming that the reaction is 
first order with respect to cyanic acid and hydrogen ions; i.e. that 

—dx/dt = kxy 
where x = (HNCO), y = (H?+), and & is the rate constant. The most conven- 
ient integrated form of this equation is 

1, x0(x—c) 


k=--In 


ct = x(xo—c) 
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where x» and yp are the initial values of x and y, and c = yo—%o. k was calcula- 
ed from this equation. The values of k so obtained are reasonably constant, 
though at 25°C. the rate is too great for very accurate measurements. It can 
readily be checked that no other rate equation fits the results anything like as 
well. Run 12 differs from the others in being done with nitric acid; it gives 











TABLE I 
Run Temp., Initial (H*), Time, (HNCO), k, moles 1. 
No. <. M sec. M min.~} 
1 1.5 0.939 0 0.0859 — 
30 0.0540 1.00 
60 0.0382 0.889 
120 0.0177 0.882 
240 0.0059 (0.76) 
2 1.5 0.783 0 0.0716 _ 
15 0.0602 0.889 
30 0.0493 0.966 
60 0.0369 0.870 
120 0.0213 0.805 
240 0.0067 0.803 
3 1.5 0.348 0 0.0763 — 
30 0.0661 0.838 
60 0.0562 0.907 
120 0.0433 0.860 
240 0.0274 0.801 
4 13.1 0.290 0 0.1004 _ 
15 0.0839 2.55 
30 0.0735 2.27 
60 0.0541 2.35 
120 0.0285 2.57 
240 0.0120 2.33 
5 13.1 0.884 0 0.1004 — 
15 0.0575 2.59 
30 0.0369 2.31 
60 0.0124 2.54 
90 0.0040 2.64 
120 0.0027 2.23 
6 25.5 0.275 0 0.1120 — 
15 0.0724 6.89 
30 0.0491 6.92 
45 0.0296 7.98 
60 0.0198 8.11 
90 0.0166 6.06 
7 25.5 0.869 0 0.1120 — 
5 0.0635 8.08 
10 0.0376 7.69 
20 0.0132 7.99 
30 0.00612 7.33 
12 13.4 0.150 0 0.0981 _ 
60 0.0685 2.68 
120 0.0528 2.50 
240 0.0335 2.46 
480 0.0229 2.44 
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the same rate as with hydrochloric acid, showing that chloride has no catalytic 
effect. 

Table II shows the effect of altering the ionic strength. These runs are all 
at 1.5°C. The constants were calculated as before, except for Run 8 where 
cyanic acid was in slight excess. Here if b = xo—vyo, then 


1, x(xo—d) 
bt in Xo(x—b)’ 
but as 0 is small this can be expanded as a series: 
_ 1 _xo-x 6 (xo—x)’ | 
a 2 xe(x—b)t co 
For Run 8, k was calculated from this formula. 


The results of these runs give the following average values for the constants. 
Firstly at an ionic strength of 1.0 we get: 


T 1.5 13.1 25.5 =. 
k 0.86 2.44 7.45 moles liter min.— 


These give an activation energy of 14.5 kcal./gm-mol. 
At 1.5°C. the dependence of k on the ionic strength, y, is as follows: 


” 0.2 0.5 1.0 2.0 3.0 
k 0.73 0.73 0.86 1.07 1.25 moles liter min. 


b= 











TABLE II 
Run Ionic Initial (H*), Time, (HNCO),. k, moles 1.- 
No. strength M sec. M min.~! 
8 0.2 0.0944 0 0.0986 —_ 
15 0.0969 0.740 
60 0.0923 0.759 
120 0.0866 0.738 
240 0.0781 0.700 
480 0.0642 0.713 
9 0.5 0.293 0 0.0986 _— 
15 0.0934 0.764 
30 0.0889 0.726 
120 0.0667 0.713 
240 0.0470 0.704 
10 2.0 0.285 0 0.0988 _ 
30 0.0857 1.024 
60 0.0726 1.140 
120 0.0564 1.074 
240 0.0351 1.057 
11 3.0 0.285 0 0.0987 — 
15 0.0903 1.260 
30 0.0839 1.178 
60 0.0695 1.302 
120 0.0515 1.261 





It is interesting to note that this change closely parallels that of the activity 
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coefficient (f) of hydrochloric acid at similar ionic strengths (7): 
bb 0.2 0.5 1.0 2.0 3.0 
log f —0.116 -—0.121 -—0.091 0.008 0.120 
log k —0.137 —0.137 —0.066 0.029 0.097 


The next question is whether this is the same reaction as that examined by 
Taufe! et al. (8). Cyanic acid itself could provide hydrogen ions; from the 
rate constants given above and that obtained by these authors, the observed 
rates would be the same if the pH were 3.5, which is a reasonable value for 
partially hydrolyzed cyanic acid. However if cyanic acid provided the hydro- 
gen ions the rate would not appear to be first order, as reported by Taufel 
et al. In fact the reaction should follow the equation: 

Xo/x—In(xo/x) = 1—2k. Rot 
where x is the cyanic acid concentration, initially x», k is the rate constant, 
and k, the ionization constant. It was therefore decided to investigate the 
decomposition of cyanic acid in the absence of added acid. 


2. DECOMPOSITION OF CYANIC ACID WITHOUT ADDED ACID 
The reaction here goes in two stages: 


HNCO+H,0— NH;+CO:,, 
The first stage is, of course, the slower. 
Experimental Method 

Cyanic acid solution was prepared in the usual way by passing the gases 
formed by heating cyanuric acid through a red-hot tube and thence into 
ice-cold water (e.g. 1, 10). A slow stream of nitrogen was used to carry over the 
gas. The resulting solution of cyanic acid was used as soon as possible. It was 
contained in a flask immersed in a water bath of the desired temperature, and 
samples for analysis were taken at intervals. 

The chief difficulty in following this reaction is to find an analytical method 
that distinguishes between cyanic acid and cyanate ions. As it is necessary to 
stop the reaction by the addition of alkali, only an acid—base titration seemed 
to offer much hope of a successful method. It was found that if a sample of 
partially decomposed cyanic acid were run into excess sodium hydroxide 
solution, and the mixture titrated with standard acid, then the pH of the 
mixture showed two inflection points, at 7.8 and at 5.1. The first inflection 
comes when carbonate ions have just been converted into bicarbonate; in 
effect this is the pH of ammonium bicarbonate solution. The second is due to 
the fact that at pH 5.1 most of the carbonate is now carbonic acid while the 
buffering action of cyanate is only just beginning. This is not a very well 
marked inflection, but it is quite distinguishable. 

The procedure was therefore as follows. The sample was run into a known 
volume of standard sodium hydroxide solution, and this mixture was titrated 
with hydrochloric acid with the help of a pH meter. The volumes required to 
give pH 7.8 and 5.1 were noted. After this the pH meter was removed, brom- 
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cresol green was added, and the solution was heated. Hydrochloric acid was 
run in until the bromcresol green maintained a green color even on boiling; the 
volume of acid required was noted. It will be seen that the difference between 
the gram molecules of the sodium hydroxide and hydrochloric acid gives the 
number of gram molecules of the following constituents: (1) pH 7.8: HNCO+ 
CO,; (2) pH 5.1: HNCO; (3) bromcresol green end point: HNCO+2(NCO-). 
From this the concentrations of cyanic acid, cyanate ion, and carbon dioxide 
can be found separately. There is a small correction to apply at pH 5.1, 
since about 4% of cyanate is already cyanic acid, and about 4% of the carbon 
dioxide is still present as bicarbonate. If any cyanuric acid (pK, = 6.75(2)) 
is present it will appear as carbon dioxide in this scheme of analysis, but will 
not interfere with the analyses for cyanic acid or cyanate. 











TABLE III 
= 
Run No. Temp., °C. Time, min. (HNCO), M (NCO-), M 

lx 5.0 0 0.0796 0.0305 
27 0.0298 0.0555 
62 0.0080 0.0646 
95 0.0025 0.0655 

2x 5.0 0 0.1085 0.0059 
30.5 0.0390 0.0406 
65 0.0135 - 0.0516 
95 0.0040 0.0550 
125 0.0016 0.0540 

3x 0.8 . 0 0.1784 — 
20 0.1232 0.0265 
43 0.0726 0.0390 
62.5 0.0440 0.0418 
81.5 0.0278 0.0494 

5x 0.0 0 0.1692 
20 0.1157 0.0243 
40 0.0686 0.0448 
61 0.0423 0.0576 
80.5 0.0302 0.0609 

6x 12.0 0 0.1191 0.0182 
11 0.0532 0.0496 
21 0.0246 0.0580 
31 0.0120 0.0632 
41.5 0.0049 0.0601 





The results are given in Table III. A plot of log(HNCO) against time shows 
that the reaction is first order. The equation, xo/x—In(xo/x) = 1+2k.kel, 
derived above, is definitely not followed. These runs give the following first 
order rate constants: 


Run Ix 2x 3x Sa 6x 
i 5.0 5.0 0.0 0.0 12.0 < o 
k 1.82 1.73 1.12 1.07 3.71 xX 107 min. 


These constants make the activation energy about 16 kcal./gm-mol. Owing 
to the fact that the pH changes in the titration are not very sharp, these 
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constants are only moderately accurate. These results show that the HNCO+ 
H;O* reaction will be faster at pH less than about two; above pH 2 the 
HNCO-+H.O reaction will be faster. The pH’s of these reaction mixtures were 
followed during the runs, but are not worth reporting in detail, except to say 
that they ran from about 2.5 to 4.5, and agreed reasonably well with the 
analytical results. 

It was found that the bromcresol green titer fell slowly during a run. If the 
reaction is solely 


this titer should not change. These experiments indicate that there is a few 
per cent of some other, or perhaps subsequent, reaction involving cyanate. 
The formation of urea is too slow (see, for example, Ref. 9) to account for the 
change; possibly some cyanuric acid is formed. However on the present 
evidence all that can be said is that such reactions, if present, would decrease 
the bromcresol green titer. This matter deserves further study. 


3. DECOMPOSITION OF CYANATE IONS 


This reaction has been investigated at 80°C. by Masson and Masson (4), 
who examined the decomposition of salts such as barium cyanate which give 
insoluble carbonates, and sodium cvanate which give soluble carbonates. 
The first salt reacts thus: 


Ba(NCO).+2H:0 — BaCO;+CO(N H2)e. 


ae , ‘ " : 
Ammonium ions are no doubt an intermediate. With sodium cyanate they 
find that the reaction approximates to 


4NaOCN +6H.0 — 2Na,CO3+ (NH,4)2CO3+ CO(N Ho)e. 


They believe that the relative proportion of ammonium carbonate and urea 
is not essential from the reaction mechanism, but the chance result of the 
relative reaction rates. They found that the reaction was catalyzed by sodium 
ammonium carbonate (NaNH,CO;), and less so by sodium carbonate. They 
attribute the catalysis to the NH,CO;- ion, though it seems dubious to postu- 
late this as a unit. 

Taufel et al. (8) made a few measurements on the decomposition at 100°C. 
in the presence of excess alkali, which prevents urea formation by removing 
ammonium ions. They found a first order reaction with k = 2.7 X 107% 
min, 

The present work deals with the decomposition in the presence of excess 
sodium hydroxide (in most cases), over a variety of conditions, and in some 
runs with added carbonate or other ions to discover if they catalyze the 
reaction. 


Method and Apparatus 

The reaction was carried out in a flask fitted with a thermometer and a side 
tube for sampling. The flask was deeply immersed either in boiling water or, 
for lower temperatures, in a water thermostat of conventional design. 
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The reaction mixture was made up from stock solutions of potassium 
cyanate, sodium hydroxide, and sodium nitrate to bring the ionic strength 
to a known value. In some runs sodium carbonate or other salt was added to 
investigate the catalytic effect, and the amount of sodium nitrate was adjusted 
to maintain the ionic strength. Since the over-all reaction is 


OCN-+OH-+2H,0 — NH,OH+CO;—, 


it is, of course, impossible to keep constant ionic strength throughout the 
reaction, but the reactions were started at known values. 

















TABLE IV 
Run Temp., Initial Initial Time, (OCN-), 
No. <=. (NaOH), ionic min. M k 
M strength 
1 100.0 0.143 0.28 0 0.1310 
15 0.1247 
60 0.1097 3.07 x 107% 
90 0994 
2- 100.0 0.111 0.33 0 0.0968 
21 0.0911 
30 0.0902 
45 0.0847 3.03 x 107% 
60 0.0797 
120 0.0673 
3 100.0 0.036 0.28 0 0.1190 
16 0.1131 
30 0.1059 3.75 x 107% 
60 0.0950 
90 0.0665 
120 0.0414 
150 0.0224 
182 0.0026 
3a 100.0 0.589 1.02 0 0.427 
164 0.404 
30 0.384 3.00 X 107? 
75 0.339 
100 0.315 
120 0.298 
4 100.0 0.321 0.39 0 0.0723 
30 0.0667 
60 0.0612 2.89 x 10-3 
240 0.0371 
345 0.0267 
5 65.0 0.143 0.30 0 0.1527 
185 0.1492 , 
1288 0.13839 1.081 x 10-¢ 
1600 0.1285 
6 80.9 0.148 0.29 0 0.1384 
240 0.1223 
537 0.1033 5.41 x 10-* 
603 0.0999 
Temp. 65.0 80.9 100.0 °C. 
Mean k 1.08 5.4 30.0 X 10-4 min.” 
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The reaction was followed by pipetting out a sample, which was rapidly 
cooled and to which then a few drops of phenolphthalein were added and dilute 
acetic acid run in until the color was just discharged. Litmus paper was put in, 
and acetic acid was added drop by drop until the litmus was pink. This brings 
the pH to 5-6, and cyanate can now be titrated with silver nitrate without 
interference from carbonate or ammonia. Sodium chromate was used as 
indicator. 

The results are given in Table IV. Within experimental error the results all 
conform to a first order reaction, and accordingly the first order constants are 
also given in Table IV. There seems to be a slight dependence on hydroxide 
concentration when this is small, but not at higher concentrations. Run 3 
illustrates this point very well. In this run the hydroxide was completely used 
up when the cyanate concentration fell to 0.09 M. At about this point the rate 
increased rapidly, showing that other reactions are important once ammon- 
ium ions are present; but the point at 0.095 M cyanate (0.005 M hydroxide) 
is in line with the earlier points, showing that even at this low hydroxide 
concentration the rate had not increased very much. It was checked that when 
excess hydroxide was present all the carbon from cyanate appeared as carbon- 
ate. Hence side reactions only occur when ammonium ions are present. 

Runs 1, 5, and 6 give a value of 234 kcal./gm-mol. for the activation energy. 
This is doubtless for the first stage of the reaction 


OCN-+2H.0 — NH,*+CO,;— 


after which the ammonium ion reacts with hydroxide. 

The next matter to be investigated was the catalytic effect of carbonate 
found by Masson and Masson for the reaction without added alkali. It was 
suspected at first that this might simply arise from the higher ionic strength 











TABLE V 
Run Temp., Initial Initial Time, (OCN-), 
No. <. (NaOH), ionic min. M k 
M strength 
rj 100.0 0.150 0.55 0 0.1436 
(NasSO,) 30 0.1333 
60 0.1217 3.00 x 107% 
90 0.1117 
120 0.1015 
183 0.0839 
221 0.0739 
8 100.0 0.141 2.68 0 0.1389 
(NasSO,) 30 0.1251 
60 0.1170 3.04 x 10-8 
92 0.1069 
122 0.0959 
9 100.0 0.141 1.07 0 0.1316 
(NaNO) 30 0.1207 
66 0.1079 3.02 x 10-* 
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of the solutions containing carbonate. Accordingly sodium sulphate was 
added to two runs; it was chosen as a 2:1 salt like sodium carbonate. A run 
was also carried out at high sodium nitrate concentration. The results are given 
in Table V. It will be seen that no very great change in k results; and there is no 
difference between nitrate and sulphate, so the small change probably is due 
to changing ionic strength. 

Table VI gives the effect firstly of added carbonate, and secondly of adding 
some other ions derived from weak acids. The results show that acetate and 
borate do not catalyze the reaction, so that the catalytic effect of carbonate is 
not reproduced by the anion of any weak acid. This is perhaps only to be 
expected, since hydroxide ions were present in every run, and are also anions 
of a weak acid. 











TABLE VI 
Run Temp., Added Initial Initial Time, (OCN-), 
No a nal salt, ionic (NaOH), min. M 
M strength M 

10 100.0 Na:CO; 0.52 0.141 0 0.1433 
30 0.1261 

0.076 604 0.1158 

91 0.1066 

122 0.0925 

151 0.0842 

11 100.0 Na:CO; 0.80 0.141 0 0.1275 
31 0.1158 

0.177 634 0.0898 

109 0.0793 

142 0.0639 

12 100.0 Na:CO; 1.60 0.141 0 0.1261 
32 0.1112 

0.445 62 0.0921 

115 0.0590 

154 0.0406 

185 0.0268 

13 100.0 Na:CO; 2.41 0.141 0 0.1290 
304 0.1068 

0.714 60 0.0875 

94 0.0620 

123 0.0409 

150 0.0277 

14 100.0 Na acetate 1.33 0.141 0 0.1754 
32 0.1628 

0.80 64 0.1507 

93 0.1363 

155 0.1160 

15 100.0 Na borate 1.11 0.141 0 0.1227 
30 0.1139 

0.79 69 0.1039 

963 0.0961 

126 0.0883 





In the runs with carbonate there is a marked catalytic effect and in addition 
the rate of the reaction no longer fits a first order equation. In fact in runs 11, 
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12, and 13, (HNCO) gives a linear plot against time. Run 10 is more or less 
intermediate, but on the whole fits a logarithmic plot best. In Runs 12 and 13 
there is some sign that the rate falls off at low concentrations, but over most 
of the range the rate is constant. If we calculate the rate at various carbonate 
concentrations, the results are as follows: 


Run — 10 11 12 13 
(CO;—) low 0.105 0.21 0.49 0.76 M 
Rate 3.0 3.9 4.4 5.6 4.10 X< 10-‘moles liter 


min.—! 


The first rate given above is that calculated from runs without added carbonate 
for a cyanate concentration about the average of those used in these runs. 
It roughly indicates what part of the rate is to be ascribed to the uncatalyzed 
reaction. In the other runs the carbonate concentrations are the averages 
during the run. These rates give a reasonably linear plot against (CO;—); 
that is, the catalyzed reaction conforms to the equation 


—d(OCN-)/dt = K,(OCN-)+K,(CO;—). 


The results make K, = 6.2 X 10-‘ min—. This value of K; is obtained by 
calculating the rate due to the uncatalyzed reaction for all successive pairs of 
points in Runs 10-13, subtracting this from the observed rate, and dividing 
the difference by the carbonate concentration. The average result is that given 
above. Masson and Masson (4) propose an equation for the reaction without 
excess sodium hydroxide, which is in effect: 


—d(OCN-)/dt = {Ki+K;(CO;—)}(OCN-), 


but it does not seem possible to fit the present results to this equation. While 
the catalysis of this reaction by carbonate seems well established, it is not easy 
to propose a detailed mechanism; that is, to explain the nature of the interac- 
tion between cyanate and carbonate. 

These results mean that the reaction 


OCN-+OH-+2H,0 — NH,OH+CO;— 


must be autocatalytic to a certain extent. The reason that this is not apparent 
from the results of Table IV (without added carbonate) is that the catalytic 
contribution is small in these runs: K, is about five times as large as K:, and 
the runs were terminated after usually about 40% of the cyanate had decom- 


posed. 
4. IONIZATION CONSTANT OF CYANIC ACID 


This quantity has been previously measured by Taufel et a/. (8) using the 
color of bromphenol blue to give the pH of a cyanic acid solution; and by 
Naumann (5) from the conductivity of a solution containing equimolar 
amounts of potassium cyanate and hydrochloric acid. The values reported are 
(i) 2.2 X 10-‘, probably at 0°C.; and (ii) 1.2 X 10-¢ at 0°C. Since the decom- 
position of cyanic acid is relatively rapid even at 0°C., it seemed desirable 
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to repeat this measurement by a method that avoids as far as possible the 
risk of error from hydrolysis. Accordingly a roughly 0.1 M solution of potas- 
sium cyanate was titrated with 0.1004 M hydrochloric acid, the pH being 
followed on a pH meter. The total concentration of cyanate was found by 
continuing the titration to the bromcresol green end point as described above. 
A value of the ionization constant, K,, can be calculated from each pH 
reading. In this method any carbonate present in the cyanate can be meas- 
ured and allowed for; the results given in Table VII are calculated on the 








TABLE VII 
Run 1, Temp. 27°C. 
Vol. HCl 0.72 1.09 1.47 1.99 2.50 3.03 4.03 4.96 6.00 7.07 7.91 
pH 7.85 6.42 5.99 5.55 5.27 5.10 4.90 4.80 4.69 4.55 4.51 
pK, (calc.) — (3.52) (3.80) 3.76 3.71 3.70 3.71 3.75 3.76 3.72 3.75 
Vol. HCI to bromcresol green end point = 89.97 ml. Mean pK, = 3.73. 
Run 2, Temp. 10°C. 
Vol. HCl 0.74 1.26 1.51 2.01 2.50 3.00 3.51 3.98 5.00 6.00 
pH 7.85 6.35 6.08 5.64 5.37 5.17 5.01 4.90 4.70 4.59 
pK, (calc.) — 3.68 3.79 3.75 3.72 3.68 3.65 3.64 3.59 3.60 


. 9 
Vol. HCl to bromcresol green end point = 81.60 ml. Mean pK, = 3.68. 





assumption that pK, for carbonic acid is 6.46. Any hydrolysis of cyanic acid 
would show up as an upward drift in the calculated K, values. As before it 
was assumed that the ammonium bicarbonate stage was just reached at a 
pH of 7.85. The best average for pK, is 3.70, so K, is 2.0 X 10-*. It was 
checked by a rough calorimetric measurement that cyanic acid absorbs heat 
on ionization though the amount is small. This means that pK, must fall as 
the temperature rises, so the difference between the two runs in Table VII 
must be due to experimental error. 


5. OXIDATION OF CYANATE 


This section briefly reports some observations on the oxidation of cyanate 
by the hypochlorite ion and by chlorine and on the similar oxidation of cyanide 
to cyanate. 

The oxidation of cyanide by hypochlorite is known, though it does not seem 
to have been much investigated. It does however form the basis of a German 
patent for producing cyanate by passing chlorine into an alkaline cyanide 
solution, though this could go through cyanogen chloride. It was observed in 
the present work that potassium cyanide containing sodium hydroxide was 
oxidized quantitatively to cyanate by sodium hypochlorite. In the presence 
of hydroxide concentrations down to about 0.1 M, equal amounts (within 
experimental error) of cyanide and hypochlorite were used up in this reaction; 
that is, side reactions to the main reaction 


CN-+Cl0O- — OCN-+CI- 


are not present to more than 1% at the most. Attempts to measure the speed 
of the reaction were unsuccessful: the reaction was stopped by adding hydrogen 
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peroxide to destroy hypochlorite, but even when this was done only five 
seconds after the start of the reaction at 3°C., the reaction was already virtually 
complete. This perhaps merely proves that hypochlorite ions react with cyanide 
faster than with hydrogen peroxide, but the latter is certainly a rapid reaction. 

With low concentrations of sodium hydroxide, cyanate is oxidized by hypo- 
chlorite. Under these conditions 1 gm-mol. of cyanide reacts with about 
2.5 gm-mol. of hypochlorite; a typical example is the following experiment: 








Concentration, M 








Ion Initial Final Difference 
CN- 0.128 0 0.128 
clo- 0.577 0.231 0.346 
OH- 0.019 0 
COQ, 0.015 0.034 0.128 carbonate 
HCO,- 0 0.109 





The concentrations under ‘initial’ are those immediately on mixing, calculated 
on the assumption of no reaction. Under ‘final’ are the results of analyses after 
the reaction. Hence the reaction is, at least mainly: 


2KCN+5NaOCI+H,.O — 2KHCO;+5NaCI+N, 
or, if we assume that cyanate is formed first, this is then oxidized: 
2KOCN +3Na0CI+H.,0 — 2KHCO;+3NaClI+Nz. 


This last reaction occurred when cyanate and hypochlorite were mixed directly, 
as shown by the following experiment: 








Concentration, M 








Ion Initial Final Difference 
OCN- 0.316 0 0.316 
Cclo- 0.547 0.029 0.518 





This gives a hypochlorite to cyanate ratio of 1.64. This is somewhat vreater 
than 1.5, probably because at the end of the reaction the remaining hypochlorite 
was in a hot solution, containing bicarbonate, from which nitrogen was being 
evolved. Probably some hypochlorous acid was decomposed, or also evolved. 

With fairly low concentrations of sodium hydroxide, the oxidation of 
cyanate appeared to have an induction period. In the following experiment 
cyanide (initial concentration 0.130 M) was mixed with hypochlorite and samp- 
les were taken at intervals and analyzed for hypochlorite. The concen:ration 
of sodium hydroxide was initially 0.038 M. 


Time 0 0.75 2 3.67 5 32 
(NaOC!) 0.562 0.414 0.412 0.223 06.217 0.222 mM 
Temp. 22 33 34 40 44 —- ut 
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The temperature was read from a thermometer immersed in the liquid, and it 
is probably because of lag in the thermometer that the temperature appears 
to rise between 3.67 and 5 min. though the reaction is already virtually com- 
plete. Note that here 2.61 hypochlorite ions vanished for each cyanide ion. 
The length of the induction period, as measured by the time for rapid nitrogen 
evolution to develop, was as follows (other conditions as in the last experiment) : 


Induction time 10sec. 3-3.5 min. long 
(NaOH) 0.019 0.038 0.065 M 


Similar experiments were made on mixtures of cyanate and hypochlorite. 
In Run 1 below, the hypochlorite concentration was followed by samples 
taken at intervals; initially the cyanate concentration was 0.316 M, and the 
sodium hydroxide concentration was 0.0735 M. The initial time is the time of 
mixing: 


Run 1 Time 0 0.4 1.5 4.2 7.0 12.0 13.1 min. 
(NaOCl) 0.547 0.543 0.542 0.540 0.538 0.530 0.029 WM 


The temperature in this and similar runs was followed with the results in 
Table VIII. 











TABLE VIII 
(NaOH) (NaOH) 
Run initial, Time, Temp., Run initial, Time, Temp., 
M min. ee M min. "/ 
1 0.0735 0.5 19.8 3 0.057 0.2 19.7 
8.0 19.9 1.0 19.9 
9.5 20.0 2.0 20.0 
11.0 20.2 2.3 22.0 
12.0 20.2 2.6 53.5 
12.7 54.5 2.8 54.8 
13.5 53.5 3.25 54.3 
15.0 51.0 4.0 53.5 
2 0.0695 0.2 19.2 4 0.042 0.2 19.5 
2.0 19.8 0.5 41 
4.0 19.9 0.7 53 
6.0 20.0 0.8 54.5 
6.2 35 1.0 54.3 
6.5 45 2.0 53.0 
6.75 54.5 
7.0 54.2 
8.0 52.0 











There is evidently an induction period in all these runs, as was also apparent 
from the sudden evolution of gas after a certain time. The time required for 
rapid gas evolution to develop was: 


Run 1 2 3 4 
(NaOH) initial 0.0735 0.0695 0.057 0.042 M 
Induction time 12.3 6.2 2.4 0.3 min. 


The explanation of this would seem to be that the oxidation of cyanate by 
hypochlorite ions is slow, but that hypochlorous acid oxidizes it rapidly. 
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As soon as the hydroxide is used up, the potassium bicarbonate formed is 
acid enough to liberate hypochlorous acid; cyanic acid is too strong an acid to 
be formed. 

Similar experiments were made on the reaction between chlorine and 
cyanate. The reaction is fairly rapid in solution at room temperature. The 
results are not very clear-cut, probably because more than one reaction can 
occur. The products were found to be chloride, carbon dioxide, nitrogen, and 
ammonium chloride or hydrochloric acid depending on the relative amounts 
of chlorine and cyanate. No urea was detected by the xanthydrol test (8). 
With smaller amounts of chlorine the reaction approximated to 


4KOCN +3Cl.+4H,0 — 4KCI+4CO.+N2+2NH,CI. 


In one experiment 4.69 millimoles of potassium cyanate and 3.44 of chlorine 
disappeared (a ratio of 1.36 to 1); no acid and 1.74 millimoles of ammonium 
ion were formed : the above equation would lead one to expect 2.34 of ammon- 
ium ion, so about three quarters of the expected amount was formed. In 
another experiment 3.29 millimoles of potassium cyanate disappeared, and 
0.86 of ammonium ion and 3.86 of acid appeared. If we assume the above 
equation, followed by attack of chlorine on ammonium chloride, to give 
nitrogen and hydrochloric acid, this reaction would have used up 4.01 milli- 
moles of chlorine; actually 4.47 disappeared. Several other similar experiments 
were made, but the results were all about the same: the analyses for the 
products and reagents did not agree to better than 10% with the predictions 
of the equation above, allowing for subsequent reaction of chlorine and am- 
monium ions. It is not difficult to suggest side reactions, and the most that 
can be said is that this equation probably represents the main reaction. 
Normand and Cumming (6) report that bromine gives a reaction precisely 
analogous to the one suggested for chlorine. Here presumably the attack of 
bromine on ammonium ions, or other side reactions, is slower so that the 
reaction is more clear-cut. 
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UNIT CELL, SPACE GROUP, AND INDEXED X-RAY DIFFRACTION POWDER 
DATA FOR THE C,; LUPINE ALKALOIDS, /-THERMOPSINE (C,;H20.N2O), 
dl-LUPANINE (C,sH»N:0), AND d-HYDROXYLUPANINE (C,;HN;0:)! 


By W. H. Barnes, D. M. DONALDsON,* AND D. C. PHILLIPS 


Thermopsine, CisH2oN,0, is the ‘‘blank-cis’’ (1) precursor of a-isosparteine, 
CisHesNe, the structure of which (in the form of the monohydrate) has been 
studied in this laboratory (2). Lupanine, CisH24N.O, is the first ‘‘cis—trans”’ 
hydrogenation product of the ‘‘blank-trans’’ isomer of thermopsine, namely 
anagyrine. As a preliminary step in possible structure investigations, the unit 
cell constants of /-thermopsine, d/-lupanine, and d-hydroxylupanine have been 
determined from precession photographs obtained with Mo K, radiation 
(A = 0.7107 A), and the space group of each has been established. The density 
(at ~22°C.) of /-thermopsine and of d/-lupanine was measured by flotation in 
aqueous solutions of potassium iodide, while solutions of carbon tetrachloride 
and benzene were employed as the flotation liquid for d-hydroxylupanine. 








Fic. 1. X-ray diffraction powder photographs of A, /-thermopsine; B, dl-lupanine; 
C, d-hydroxylupanine. (Camera diameter: 114.6 mm.; radiation: Co Ka, A = 1.790 A) 
1ssued as N.R.C. No. 3498. 


*National Research Laboratories Postdoctorate Fellow, now I.C.I. Fellow,.The University, 
Edinburgh, Scotland. 
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TABLE I 





SINGLE-CRYSTAL DATA FOR /-THERMOPSINE, d/-LUPANINE, AND d-HYDROXYLUPANINE 
































l-Thermopsine dl-Lupanine d-Hydroxylupanine 
Crystal system Tetragonal Monoclinic Orthorhombic 
Space group P4,(C%) or P43(C4) P2,/a(CS,) P2,2,2,(D$) 
a 8.26+0.03 A 13.82+0.03 A 12. 84+0.04A 
b 7.75+0.03 A 17.98+0.05A 
c 18.68+0.05A 12.82+0.04A 6.08+0.02A 
B 96.5 +0.2° 
Z 4 molecules per cell 4 molecules per cell 4 molecules per cell 
p(Obs.) 1.257 gm./ml. 1.203 gm./ml. 1.261 gm./ml. 
p(Calc.) 1.273 gm./ml. 1.208 gm./ml. 1.250 gm./ml. 
TABLE II 
X-RAY DIFFRACTION POWDER DATA FOR /-THERMOPSINE 
d(A) d(A) 
T/T; hkl , T/T, hkl 
Obs. Calc. Obs. Calc. 
10 .23 8.26 010 — — 2.28 134 
20 7.49 7.55 011 — — 2.27 231 
90 6.19 6.19 012 2 2.24 (3 38 018 
50 5.83 5.84 110 , 2.24 027 
20 5.57 e = - “se 2s 035,232 
4.9 1 | 118 
70 4.98 re 112 wees 215 233 
—_— 4.67 004 1 2.13 (3:13 135 
—_— 4.26 113 j 2.13 226 
oo = 25 2.07 .o = 
4.07 14 — —_ : 6,234 
100 4.08 re 021 ues “ 2.05 041 
25 3.78 3.78 022 — — 2.03 028 
35 3.69 3.69 120 o = 
_ _ 3.65 114 .O1 1 
15 3.63 3.62 121 10BB = 2.00 2.00 140 
40 3.43 3.44 023,122 1.99 141 
— — >= oa — — 1.97 227 
— — 3.1 1 043,119 
15 3.15 3.15 115 20 1.96 1.96 tr 
20 3.09 3.09 024 — _— 1.95 235,330 
nh he 2.92 220 . 1.94 331 
2.91 016 _- — 1.92 037 
1 2.39 2.90 124 1 1.91 1.91 143,332 
: 2.89 221 —_— — 1.89 044 
- — on po — —_ 1.86 no - 
werd ,236 
10B 2.74 (275 030,116), > 1.85 1.85 (240 
2.72 031 — _ 1.84 144,241 
25 2.64 2.64 032,223 1 1.82 1.82 0.1. 10,228 
; 2.63 125 5 1.81 1.81 045,242 
. \2.59 131 1 1.78 1.78 1.1.10,038 
2 2.54 017 1 be i 2 te 145,243 
15 2.52 2.52 033,132 10 1.74 1.74 237 
1 2.49 2.49 026 — —_— 1.73 335 
; 2.48 224 1 1.72 1.72 046,244 
15 2.43 2.43 117 1BB 1.63 
_— oe 2.41 133 1B 1.59 
» 2.37 034 1 1.56 
™ 2.34 008 1.28 
10 2.30 2.30 225 1 1.23 
- 2.29 230 | 1 1.22 
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X-ray diffraction powder patterns were obtained with a camera of 114.6 mm. 
diameter, Straumanis film mounting. Co K, radiation (A = 1.790 A); the 
apparatus “cutoff” was 20 A. Film shrinkage corrections were applied in the 
case of the precession photographs, but were too small to be significant for the 
powder films. 

The single-crystal data are shown in Table I, and the powder data in Tables 
II, III, and IV, where B and BB designate lines that were broader and much 
broader, respectively, than the general average for the pattern examined and 
an asterisk (under d(Obs.)) indicates a line, the presence of which is probable, 
but which was too faint (J/I; < 1) for accurate measurement. The small-26 
end of each film is reproduced in Fig. 1, where, incidentally, the advantage of a 
capillary-tube container for the specimen (/-thermopsine, d/-lupanine) over a 
glass-fiber and adhesive (Household Cement) mount (d-hydroxylupanine) is 
apparent in the generally improved sharpness of the lines in the first and second 
patterns compared to the third. 























TABLE III 
X-RAY DIFFRACTION POWDER DATA FOR dl-LUPANINE 
d(A) d(A) 
U/l; hkl I/T; hkl 
‘ Obs. Calc. Obs. Calc. 
30 12.8 12.7 001 on a 3.37 220 _ 
6.87 200 ais me 3.31 022,221 
70 6.79 6.75 110 2 3.26 3.26 122 
637 Oe - —- 33 3a 
3.21 1 
15 6.39 6.35 201 3.13 (004,122 
30 6.11 eo 111 25 3.16 - fi . 
5. 111 14 213,41 
100B en He 201 ns _ 3.12 411 
65 5.1 5.14 1 
4.96 202 5 3.04 (3:08 313 
45 4.95 4.92 012 ana fai 3.02 204 
4.91 211 15 2.95 
10 4.76 4.77 112 15 2 83 
* 4.63 211 2 2.77 
45 4.52 451 112 10B 2 58 
* 4.43 202 8 2.48 
65 4.24 4.25 003 1 2 42 
= - 4.18 212 8 2 36 
; oe oe oes a 
: 311 5 24 
30 3.87 (3:84 212 20 2 21 
on os 3.81 2 2 12 
3.73 120 5 2.09 
20 3.73 3.72 013 1B 2.05 
3.71 021 5 201 
. . 3.69 113 2 1.96 
3 67 311 5 1.93 
8 3.61 3.61 121 1 1.85 
nn em 3.55 121 2 1.81 
1 3.52 3 51 113,313 3B 1.73 
(3.44 203 1 1.69 
3 41 401 
| 
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TABLE IV 
X-RAY DIFFRACTION POWDER DATA FOR d-HYDROXYLUPANINE 

















d(A) d(A) 
I/l; hel V/h hkl 
Obs. Calc. Obs. Calc. 
1 10.5 10.5 110 5 3.21 3.21 400 
30 8.99 8.99 020 3.16 410 
. 7.36 120 25 3.14 3.15 241 
70 6.42 6 42 200 3.14 250 
100 6.03 6.05 210 * 3.10 051,340 
. ae = = 
101 1, 
80 5.48 5 = 25B 3.00 {3-0 151 
, lll .00 01 
65 5.22 5.22 220 5 2.91 
5 5.02 5.04 021 15B 278 
35 4.66 4.69 121 15 2.70 
= wae 4.50 040 2 2.62 
4.41 1 54 
10 4.40 4.38 230 10B 2.45 
4.29 211 1 2.40 
70 4.25 4.27 031 25 2 32 
4 24 140 2B 2.27 
- _ 416 310 10 2 20 
55 4.04 4.05 131 10 2.18 
55 3.95 3.96 221 1 2.13 
. 386 320 20 2 07 
15 3.66 3.68 240 1 2.02 
a es 3 61 041 10B 1.96 
on wnat 3.55 231 10B 1.91 
i pee 3 50 301 1B 1.87 
3.48 141,330 1 1.81 
15B 3.45 3.46 150 1 1.79 
3.44 311 1 1.75 
sais on 3.26 321 











Dr. L. Marion kindly supplied authenticated specimens of the three alkaloids. 
Mrs. H. M. Sheppard and Mr. B. J. Cowick assisted with the powder investiga- 
tions. 


1. Marion, L. and Leonarp, N. J. Can. J. Chem. 29: 355. 1951. 
2. PrzyByLska, M. and Barnes, W.H. Acta Cryst. 6: 377. 1953. 


RECEIVED OCTOBER 22, 1954. 
DIVISION OF PHYSICS, 
NATIONAL RESEARCH COUNCIL, 
Ottawa, CANADA. 


UNIT CELL, SPACE be rg AND INDEXED X-RAY DIFFRACTION POWDER 
A FOR CERTAIN NARCOTICS 
VI. NARCOTINE! 


By W. H. BARNES 


X-ray diffraction powder photographs of narcotine (C22H2707;N) were taken 
some time ago in connection with the collection of data for the identification 
of a number of narcotics (1, 3). The free base, unlike its hydrochloride salt, 
gave a satisfactory and reproducible pattern. Owing to the pressure of special 

Wssued as N.R.C. No. 3488. 
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problems that developed with certain narcotics during the survey (2, 3), it was 
impractical to obtain single-crystal data for the authentication of the powder 
patterns of the majority of the compounds which, like narcotine, presented no 
difficulties. Since that time, however, unit cell and space group data for nar- 
cotine have become available (4) and it has, therefore, become desirable to 
index the powder pattern. According to Lovell (4), narcotine is orthorhombic, 


TABLE I 
INDEXED X-RAY DIFFRACTION POWDER DATA (d > 3.00 A) For NARCOTINE 























d(A) d(A) 
I/h hkl I/l; hkl 
Obs. Calc. Obs. Calc. 
25 16. 16.3 002 {3.88 117 
3 14.0 13.9 011 * 3.87 126 
20 11.2 11.2 012 (3-88 040 
10 8.85 8.88 013 3.84 202 
1 8.15 8.15 004 ‘in i ii 3.83 210 
- nape {7-70 020 3.82 041 
7.68 101 3.81 134 
- oa 7.49 021 3.80 211 
7.20 014 3.75 042 
30B 7.10 711 102 - o- 3.73 036 
7.03 110 ‘ 3.72 212 
. 6.96 022 3.71 203 
6.87 111 (3-63 043 
35 6.48 6.45 112 - 13°62 108 
* 6.39 103 13.61 213 
50 6.22 6.28 023 10B 3.58 3.60 028 
je “ {8-00 015 3.59 135 
5.90 113 3.56 127 
25 5.70 5.67 104 3.55 204 
“ pa 5.60 024 on a 3.53 019,118 
15 5.50 5.51 120 (3.51 220 
rs {5-44 121 100 3.49 3.49 221 
5.43 006 3.48 044 
40 5.33 5.32 114 3.46 140,214 
ed = 5.22 122 a ~ 3.45 087 
ws “on 5.12 016 (3.44 141,222 
5.0 031 3. 14 
20 5.06 ie 105 1 3.38 (a 205 
; 4.98 025 3. 13 
20 4.93 4 92 123 _ wee 3.34 223 
ia am 4. 03 ‘32 (Od 
25 4.79 4.78 115 20 3.32 He 143,215 
464 033 3.29 109 
4. 124 as _ 3.28 029,128 
3B 4.53 14 48 106 3.26 0.0.10 
4.46 017 P 3.23 224 
4.44 026 \3.22 119 
4 34 034 0.1. 10,038 
25 4.30 4.30 116,130 _ an aa re: 
* 4 27 131 3.16 137 
. 4.21 125 (3.14 046 
ons wns 4.16 132 5 3.13 3.13 216,230 
20 4.07 4.07 008 (3.12 231 
(4.03 035 || (3.09 225 
= - 4.01 _, . wes 3.07 051,232 
4.00 133 3.06 145 
3.98 027 | 3.03 052.129 
15 3.96 3.95 200 {] 1.0.1 
(3.94 a 3.02 ‘ 01 {207.233 
_ - 3 92 201 | 3.00 0210 
| 
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space group P2,2,2,, with a = 7.90A, 6 = 15.4 A,c = 32.6A. Retaining this 
orientation, the powder pattern, indexed on the basis of these data for all 
reflections corresponding to d > 3.00 A, is given in Table I, where B identifies 
an unusually broad line and an asterisk (under d(Obs.)) indicates the probable 
presence of a line which was too faint (J/J; < 1) or diffuse for accurate 
measurement. The agreement between d(Obs.) and d(Calc.) is very satisfactory, 
particularly in view of the large number of possible reflections with the con- 
sequent difficulty of deciding precisely which contribute most probably to a 
given line on the film, and because the maximum error in the single-crystal 
numerical data is estimated as of the order of 1% (4). 


1. Barnes, W.H. Bull. Narcotics U.N. Dept. Social Affairs, 6 (1): 20. 1954. 
2. BARNES, W. H. and Forsytn, W. J. Can. J. Chem. 32: 984, 988, 991, 993. 1954. 
3. BARNES, W. H. and SHepparp, H. M. Bull. Narcotics U.N. Dept. Social Affairs. 6 (2): 27. 


1954. 
4. Lovett, F. M. Acta Cryst. 6: 869. 1953. 


RECEIVED OCTOBER 22, 1954. 
DIVIsION OF PHysICs, 
NATIONAL RESEARCH COUNCIL, 
Ottawa, CANADA. 


NOTE ON THE VOLATILITY OF LITHIUM OXIDE 


By A. E. van ARKEL, U. SPITSBERGEN, AND R. D. HEYDING 


Preliminary experiments in this laboratory on the reactions of lithium oxide 
with various metals in the presence of oxygen at 1000°C. were complicated by 
the apparent volatilization of LixO. Although there is considerable disagree- 
ment in the earlier literature in respect of the vapor pressure of Li,O, recent 
reports by Brewer and Margrave (2) indicate that the vapor or decomposition 
pressure would probably be too low at 1000°C. to result in any significant 
losses. Moreover, during experiments on molten Li,O at 1570°C. there was no 
indication that the vapor pressure was appreciable (1). 

To confirm these observations, small magnesia boats containing powdered 
LisO were heated im vacuo at 1000°C. for extended periods of time. A small 
initial decrease in weight was observed and was found to be a function only 
of the quantity of oxide employed in the experiment. Such losses can be 
attributed to the decomposition of impurities which in these experiments 
amounted to some four per cent of the oxide and were in all probability 
hydroxide and carbonate. Following this initial decomposition no appreciable 
decrease in weight could be detected. 

Similar small losses occurred when the same experiments were repeated 
using dry oxygen rather than a high vacuum. On the other hand the oxide 
disappeared rapidly in the presence of oxygen containing small amounts of 
water vapor. Brewer and Margrave also observed erratic losses when wet 
gases were passed over Li,O at 1200°C. and have suggested the formation of a 
volatile ‘hydenide’. 
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A series of very simple experiments to indicate the dependence of the 
volatility of LixO on the presence of water vapor has now been completed. A 
small platinum crucible containing the oxide was heated inductively in a 
system designed to permit the introduction of water vapor at relatively low 
pressures. A water cooled platinum disk was placed a few centimeters from the 
crucible to allow recovery of some of the condensable volatile material. The 
results may be indicated briefly as follows: 











Time, Temp., °C. v.p. H20, Total loss in 
hr. mm. Hg weight (%) 
1.0 1000 Pumps on 5.7 
2.5 1040 Pumps on 3.3 

12.0 1000 Pumps on 4.4 
16.0 1000 Pumps on 5.8 
2.0 1040 10-8 3.2 
2.5 1040 10-4 6.4 
2.0 1040 10-3 12.2 
0.5 1020 10? 18.1 





The rates of evaporation are necessarily qualitative since surface areas of 
the oxide samples were observed to alter considerably during the course of 
the experiments, and water vapor pressures are accurate only in order of 
magnitude. 

Debye-Scherrer diagrams of the material collected on the target corre- 
sponded to the pattern of anhydrous lithium hydroxide. We cannot exclude 
the possibility that the powder initially deposited was not LiOH, but was 
subsequently converted to hydroxide during handling in spite of the pre- 
cautions imposed. Nor do these experiments prove the nature of the volatile 
species. Nevertheless, since Smith and Sugden have shown that gaseous LiOH 
is stable at 2000°C. (3), there is reason to believe that the hydroxide was the 
primary product in these reactions. If such is the case, the apparent volatility 
of Li,O at high temperatures in systems in which traces of water vapor are 
present can be ascribed to the simple reaction Li,O;,,+H20,,) ~ 2LiOH 
in which the favorable change in free energy is mainly due to the large change 
in entropy associated with the formation of a second mole of gas. 

The factors affecting the stability of gaseous LiOH are analogous to those 
affecting the stability of gaseous VCl, and CrCl. Provided the conditions of 
the system are such that the vapor pressure of the lower chloride (VCI; or 
CrCl;) is negligible, the gaseous tetrachloride will not dissociate because the 
dissociation can proceed only with a decrease in entropy. 

1. vAN ARKEL, A. E., FLoop, E. A., and Bricut, N. F. H. Can. J. Chem. 31: 1009. 1953. 
2. BREWER, L. and MARGRAVE, J. Vapor of alkali metal oxides, Univ. of Calif. Radiation Lab. 


U.C.R.L. 1864. 20 pp. 1952. 
3. SmiTH, H. and SuGpEN, T. M. Proc. Roy. Soc. (London), A, 219: 204. 1953. 


RECEIVED OCTOBER 5, 1954. 

LABORATORY FOR PHYSICAL AND INORGANIC CHEMISTRY, 
UNIVERSITY OF LEIDEN, 

THE NETHERLANDS. 
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ATISINE: THE FUNCTIONAL GROUPS! 


By O. E. EDWARDS AND TARA SINGH? 


The suggestion is implicit in the structure recently suggested for dihydro- 
atisine (9) that atisine and isoatisine are oxazolidines rather than vinylamines. 
This possibility was ignored in our earlier consideration of the environment of 
the nitrogen in these alkaloids (2) because both bases gave methane equivalent 
to two active hydrogens when heated with methyl Grignard reagent at 100° 
in anisole. Since the value of this evidence has been questioned by Dr. Wiesner 
(private communication) it was decided to accumulate further evidence 
bearing on the question. 

Infrared spectra of atisine, isoatisine, and dihydroatisine were compared at 
identical concentrations in chloroform. The intensity of the C=C stretching 
band in all three was identical, while an extra OH stretching band appeared 
in the latter. This indicates oxazolidine rather than vinylamine structures for 
the bases. 

Pelletier and Jacobs (7) have very recently reached the same conclusion 
after examining the properties of several oxidation products of atisine and 
isoatisine. 

On the basis of the oxazolidine structures, the bases should give monoacetate 
with no free hydroxyl], or diacetates with one free hydroxyl. Jacobs and Craig 
(5) obtained a diacetate hydrochloride from atisine hydrochloride. However, 
we have obtained instead a triacetate hydrochloride by the action of acetic 
anhydride or acetic anhydride - pyridine mixture on atisine or isoatisine 
hydrochlorides. The amorphous sensitive base liberated from this hydro- 
chloride showed no hydroxyl absorption in the infrared. On hydrolysis with 
potassium hydroxide in aqueous methanol it gave isoatisine nearly quantita- 
tively. However, on hydrolysis with sodium carbonate solution at room tem- 
perature atisine was obtained. Thus the triacetate is a derivative of atisine, 
probably containing the following partial structures: 


e% OCOCH; 
\ one and ==CHe 


CH;CH;OCOCH; 


The formation of the triacetate from isoatisine involves the first example of 
the isomerization of isoatisine to atisine. So far, attempts to obtain crystalline 
mono- or di-acetates from atisine or isoatisine have failed. 

Wiesner’s structures do not readily account for the extra active hydrogen 
found in isoatisine and distilled atisine (2). These results seem to demand the 
presence of hydrogen on the carbons a to the masked aldehyde or ketone 
carbons. 


'Issued as N.R.C. No. 3491. 
2 National Research Council Postdoctorate Fellow. Present address:Government College, Ludhiana, 
East Punjab, India. 
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Jacobs and Craig (5) showed that atisine gave 0.71 mole fraction of acetic 
acid in the Kuhn—-Roth determination. There is some possibility that the 
exocyclic methylene might isomerize to give a C-methy] prior to oxidation by 
the chromic acid, although the experience of other workers with gelsemine 
(3) and bakankosine (1) makes this seem unlikely. Thus it proved desirable 
to investigate further the source of the acetic acid. 

It has now been found that isoatisine, the C2oH2ON base (2), and the lac- 
tam tricarboxylic acid from isoatisine (4) give 0.52, 1.13, and 0.57 mole fraction 
of acetic acid in the Kuhn—Roth determination indicating one, two, and one 
C-methyl respectively. 

The infrared spectrum of a film of atisine has a band at 1375 cm.~', which 
is also present in the spectra of chloroform solutions of isoatisine and the 
CooH2gON base. These bands can be ascribed with certainty to a methyl 
group (6). A comparison of the apparent integrated absorption intensities (8) 
of this band in the last two bases indicated that two methyl groups are present 
in the Coo base if isoatisine has one, in agreement with the suggested mode of 
formation of this base (2) and with the results of the Kuhn—Roth determina- 
tion. The infrared spectrum of a perfluorohydrocarbon mull of the lactam 
tricarboxylic acid from isoatisine contained a methyl band at 1380 cm~. 

Thus all the evidence is consistent with the conclusion that atisine has one 
methyl group. ; 

It is most probable that it is this C-methyl group which becomes the 
1-methy! substituent on the phenanthrene derivatives obtained by selenium 
dehydrogenation of atisine derivatives. In this respect the structure suggested 
by Wiesner is satisfactory. 


EXPERIMENTAL 


Infrared spectra were determined on a Perkin-Elmer model 21 double 
beam spectrophotometer with a sodium chloride prism. In order to obtain a 
more reliable value for the integrated absorption intensity, a trace was made 
with two cells containing chloroform. The chloroform in one cell was then 
replaced by a chloroform solution of the compound and the spectrum recorded. 
The background trace was taken as the 0% absorption line for the calculations. 
Method 1 of Ramsay (8) was used and the value 1.57 was taken for K. Per- 
centage absorption values are cited in brackets after the position of peaks in 
wave numbers. 


Atisine 

Obtained as a resin from ether solution. Infrared spectrum (65.8 mgm. per 
ml., 0.1 mm. cell): 3590 (20), 1655 (13). 
Tsoatisine 


M.p. 152°. Found: C-methyl, 2.27. Calc. for Co2.H3;0.N: one C-methyl, 
4.38. Infrared spectrum (30.6 mgm. per ml. in chloroform, 0.1 mm. cell): 
at 1375 cm. logio(Jo/Z) = 0.049, Ax} = 10.5cm-'. A = 1800. At a concentra- 
tion of 63.2 mgm. per ml., 0.i mm. cell: 3600 (19), 1652 (11). 
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Dihydroatisine 


Infrared spectrum (64.8 mgm. per ml., 0.1 mm. cell): 3600 (21), 3470 (19), 
1655 (12). 


The C2H2»ON Base 


M.p. 82-84°. Found: C-methy]l 5.65. Calc. for C2oH20N: two C-methyls, 
10.04. Infrared spectrum (30.0 per ml. in chloroform, 0.1 mm. cell): at 1376 
cm.~! logie(Io/I) = 0.054, Ary} = 17 cm. A = 3300. At 1710 cm.~' (62) and 
1649 cm. (24). 


Lactam Tricarboxylic Acid from Isoatisine 


This was prepared by the method of Huebner and Jacobs (4). After two 
recrystallizations from aqueous methanol the tiny plates melted at 253-255° 
(dec.) when immersed at 230°. Found: C-methyl, 2.10. Calc. for C2:H290;N: 
one C-methyl, 3.69. Infrared spectrum (perfluorohydrocarbon mull): a 
broad band centered about 1700 cm.~! (COOH); 1610 (lactam); 1515, 1465, 
1450, 1405 (CH,’s); 1380 (CH;). 


Triacetylatisine Hydrochloride 


(a) A suspension of atisine hydrochloride (0.15 gm.) in 3 cc. of acetic anhy- 
dride was boiled for 10 min. The crystals dissolved to give a light orange 
solution. The reagent was removed under reduced pressure, and the residue 
crystallized from methanol-ether. The 104 mgm. of crystals melted at 230° 
dec. After two recyrstallizations the melting point was 235°. The infrared 
spectrum was identical with that of the products from (b) and (c). 

Atisine was left overnight in solution in acetic anhydride. The reagent was 
removed under reduced pressure, methanol added, and the solution again 
taken to dryness. The residue was converted to its hydrochloride. The crys- 
talline product melted at 233°. After one recrystallization it melted at 242° 
dec., and did not depress the melting point of the triacetate hydrochloride. 

(6) From 145 mgm. of isoatisine, treated as in (a), was obtained 96 mgm. 
of acetate hydrochloride. After one recrystallization from very concentrated 
methanol solution on addition of ethyl acetate, it melted at 241° dec. It 
showed no mixed melting point depression with product from (c) and had the 
same infrared spectrum. . 

(c) A suspension of 918 mgm. of finely divided atisine hydrochloride in 
20 cc. of 50% pyridine — acetic anhydride was refluxed for five minutes. The 
solution was cooled to 0°, giving 984 mgm. of fine needles, m.p. 230° dec. 
After two recrystallizations from methanol - ethyl acetate the melting point 
was 241° when immersed at 210°. [a]?? —18 + 1° (c = 2.0 in ethanol). Found: C, 
63.67, 63.76, 64.16; H, 8.49, 8.50, 8.11; Cl, 7.11, 7.17. Calc. for CosHa20. NCI: 
C, 64.16; H, 8.08; Cl, 6.77. 1.R. spectrum: 3580 (40), 3440 (39), 3350 
(40), 1740 (90), 1679 (40), 1650 (51), 1333 (29), 1320 (25), 1309 (29), 1250 (92), 
1210 (46), 1128 (29), 1111 (23), 1094 (25), 1071 (45), 1060 (51), 1039 (53), 1020 
(57), 985 (34), 973 (35), 955 (25), 948 (55), 902 (38), 843 (16), 831 (16). Isoatisine 
hydrochloride treated in the same way gave a good yield of the same triacetate 
hydrochloride. 
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Triacetyl Atisine 


Cold potassium hydroxide solution was added to a cold solution of the tri- 
acetyl hydrochloride in water. The precipitate was extracted quickly into 
petroleum ether (30—60°), the solution dried, and the solvent removed under 
reduced pressure. The clear gum would not crystallize from ether or petroleum 
ether. Infrared spectrum (film): 3080 (18), 2945 (85), 2890 (75), 1740 (92), 
1652 (35), 1582 (45), 1450 (57), 1415 (44), 1375 (76), 1329 (31), 1310 (31), 1240 
(97), 1182 (32), 1155 (27), 1113 (31), 1070 (45), 1028 (78), 985 (57), 947 (33), 
901 (49), 827 (25). 

Saponification of the Triacetate 

(a) A sample of the amorphous triacetate prepared as described above was 
hydrolyzed for four hours at room temperature followed by 0.5 hr. reflux in 
aqueous methanol containing potassium hydroxide. The solvent was largely 
removed under reduced pressure, the residue taken up in water and extracted 
with ether. The base crystallized readily and completely from concentrated 
ether solution. M.p. 149°; mixed m.p. with isoatisine 151°. 

(b) A solution of 69 mgm. of triacetate hydrochloride and 100 mgm. of 
sodium carbonate in 2 cc. of water soon became milky. It was clarified by 
addition of methanol and left for 24 hr. at room temperature. The mixture was 
worked up as in (a) giving 39 mgm. of base. This would not crystallize. Its 
infrared spectrum (film) had every peak coincident with that of atisine except 
for a very small extra peak at 1727 cm~. It gave a hydrochloride, m.p. 300° 
dec., which when mixed with atisine hydrochloride melted at 302° dec. 
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